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SUMMARY 
The objectives of this work were: (l) to determine experimentally 
the composition and temperature dependence of the excess heat capacity, 
C , excess enthalpy, If, excess entropy, £>, and excess Gibbs free 
sr 
energy, G , for two alcohol-hydrocarbon systems (ethanol + n-heptane 
and 2-propanol + n-heptane) over a wide temperature range, and (2) to 
use these excess thermodynamic property data to test the current theories 
of associated solutions. 
The excess heat capacity was determined from experimental mea-
surements of the heat capacities of the pure components and of binary 
mixtures in a precision adiabatic-shield high-vacuum calorimeter. The 
purity and melting point of each pure component were also measured in 
the calorimeter. From the excess heat capa.city data the other excess 
properties were calculated by means of appropriate thermodynamic rela-
tions. 
The heat capacities of ethanol, 2-propanol, and n-heptane were 
measured from 159 "to 306 K, 185 to 304 K, and 182 to 302 K, respective-
ly. The melting points of pure ethanol, 2-propanol, and n-heptane were 
found to be 158.991 K, 185.232 K, and 182.562 K. The heat capacity of 
ethanol + n-heptane was measured from 215 to 305 K at mole fractions 
of ethanol of 0.1023, 0.2805, 0.^388, 0.6l4o, and 0.8107. The heat 
capacity of 2-propanol + n-heptane was measured from 187 to 305 K at 
mole fractions of 2-propanol of 0.0809, 0.2:492, 0.4219, 0.5993, and 
0.7984. The excess heat capacity of each mixture was calculated from 
xiv 
the heat capacity of the pure components and of the mixtures. The heat 
capacity measurements were estimated to be accurate to 0.2 per cent. 
The excess heat capacity was determined to "be accurate to 0.15 to 0.07 
Joules/gm. mole-K from pure n-heptane to pure alcohol. The heat capa-
cities of the pure components have 'been measured "by other investiga-
tors ' ' . The present work agreed with those measurements 
within experimental error. 
The excess enthalpy and excess Gibbs free energy have "been mea-
sured "by other investigators at 303.15 K for ethanol + n-heptane and 
59 2-propanol + n-heptane . The excess heat capacity data were used in 
conjunction with these data at 303.15 K to derive the other excess 
properties. The properties E 9 G , £T, and Gibbs free energy of mix-
ing were derived in the present work at five degree intervals from 183 
to 318 K for ethanol + n-heptane and from 163 to 3l8 K for 2-propanol 
+ n-heptane. 
The excess thermodynamic properties of ethanol + n-heptane and 
their observed temperature dependence can be summarized as follows. 
The excess heat capacity is positive except at low temperatures in the 
alcohol rich composition range. The excess heat capacity is the slope 
of the temperature variation of the excess enthalpy. The excess en-
thalpy has a maximum of 675 Joules/gm. mole at 303.15 K decreasing to 
289 Joules/gm. mole at 213.15 K. The maximum shifts from an alcohol 
mole fraction of O.38 at 303.15 K to O.65 at 213.15 K. The excess 
entropy is negative except at high temperatures in the dilute alcohol 
region. The minimum of -2.6 Joules/gm. mole-K at 303.15 K and 0.52 
mole fraction alcohol decreases to -k.l Joules/gm. mole-K at 213.15 K 
XV 
and O.kk mole fraction alcohol. The excess; Gitfbs free energy is sym-
metrical with a maximum of 1̂ -50 Joules/gm. mole at 303.15 K decreasing 
to 1120 Joules/gm. mole at 213.15 K. 
The excess thermodynamic properties of 2-propanol + n-heptane 
and their observed temperature dependence can "be summarized as follows. 
The excess heat capacity is positive except at low temperatures in the 
alcohol rich composition range. The excess enthalpy has a maximum of 
910 Joules/mole at 303.15 K decreasing to 225 Joules/mole at 213.15 K. 
The maximum shifts from an alcohol mole fraction of 0.̂ -0 at 303-15 K 
to 0.7 at 183.15 K. The excess entropy is negative except at high 
temperatures in the dilute alcohol region. The minimum of -1.28 
Joules/mole-K at 303-15 K and O.58 mole fraction alcohol decreases to 
-3.8^ Joules/mole-K at 183.15 K and oAl mole fraction alcohol. The 
excess Gitfbs free energy is symmetrical with a maximum of 1260 Joules/ 
mole at 303.15 K decreasing to 895 Joules/mole at 183.15 K. 
The excess properties of the two systems and their observed tem-
perature dependence are similar. The excess enthalpy of the 2-propanol 
system, however, is larger than that of the ethanol system. This larger 
excess enthalpy of the 2-propanol system at 303.15 K is necessarily an 
entropy or Gi"b"bs free energy effect. However, the excess GiVbs free 
energy of the system is actually smaller; therefore the larger excess 
enthalpy is due to a larger entropy differDnce than is present in the 
ethanol system. It was anticipated that measurements at lower tempera-
tures would elucidate this effect. This was not the case, since the 
entropy difference decreased rapidly with temperature. 
xvi 
The Gibbs free energy of mixing versus composition indicates 
that ethanol + n-heptane definitely separates into two phases even if 
M 
the uncertainty of the derived AG data is considered. The indication 
for 2-propanol + n-heptane was uncertain within experimental error. 
Qualitative cloud point experiments verified that 2-propanol + n-
heptane freezes "before it separates and that ethanol + n-heptane has 
an upper critical solution temperature at 207.6 + 0.5 K and 0.̂ 3 mole 
fraction ethanol. The phase separation is very sensitive to the presence 
of water. 
The excess Gibbs free energy data of ethanol + n-heptane and 
2-propanol + n-heptane were correlated with, three empirical equations 
and one semi-empirical equation. The methods considered were the 
35 
Redlich-Kister equation, a modified form of the Redlich-Kister equa-
tion, the Wilson equation, and the Wiehe-Bagley equation. 
E 
The Redlich-Kister equation fits the G data to an average devi-
ation of better than 0.5 per cent with four parameters. In contrast 
E 
the "modified" Redlich-Kister equation fits the G data with an average 
deviation of O.k per cent or less, with as many or fewer parameters. 
Since the constants of each equation are a function of temperature only; 
the data for each constant were fitted with a power series in tempera-
El 
ture. The result was a representation of the G -T-x surface. These 
functions are recommended for interpolation purposes. 
F 
The two-parameter Wilson equation fits the G data as well as 
either of the Redlich-Kister equations for the ethanol + n-heptane 
system but not as well for the 2-propanol + n-heptane system. In fact 
the average deviation for the 2-propanol + n-heptane system was as 
XV11 
large as 2 per cent at 303-15 K. 
The Wiehe-Bagley relation is rigorously derivable from a theor-
etical model in which only the major interaction of the breaking of the 
E 
hydrogen bonds is considered. The Wiehe-Bagley equation fits the G 
data as veil as the empirical ones at 303.15 K. At lover temperatures 
the Wiehe-Bagley equation represents the data for the tvo alcohol-
hydrocarbon systems less satisfactorily. This is attributed to the fact 
that the effect of the breaking of the hydrogen bonds becomes less im-
portant than physical interactions (not considered in the analysis of 
Wiehe and Bagley) at the lover temperatures. The determination of the 
parameters for the Wiehe-Bagley equation required no excess enthalpy 
data. Hovever the excess enthalpy can be calculated by the proper dif-
ferentiation of the excess Gibbs free energy. The excess enthalpy data 
vere calculated for both alcohol-hydrocarbon systems and gave a rough 
E 
qualitative representation of the derived H data. 
The excess Gibbs free energy and excess enthalpy vere also cor-
related by tvo current variations of the theory of associated solutions 
18 h-k 
vith the inclusion of the concept of continuous association ' . The 
first is a volume fraction model vhich considers tvo interactions: 
(l) a chemical interaction related to the breaking of the hydrogen 
bonds is characterized by one equilibrium constant, K, and one en-
thalpy of formation of a hydrogen bond, H , and (2) a physical inter-
action of the van der Waals type is characterized by one temperature 
dependent parameter, p. The parameters vere determined for the 
ethanol + n-heptane and ethanol + methylcyclohexane systems at 213.15* 
243.15* 273.15, and 303.15 K and for the 2-propanol + n-heptane system 
XV111 
at 183.15, 213.15, 2^3.15, 273.15, and 303.15 K. Three modifications 
of the volume fraction model were investigated. These include l) vary-
ing H but keeping it temperature independent, 2) varying K at 50 C, 
and 3) making H linearly temperature dependent 
H° = H°(323.15) +A-(T - 323.15) • 
The first two modifications resulted in no improvement in the overall 
correlation of the excess properties. The third modification did not 
warrant the addition of a new adjustable parameter. The model has been 
kk 
used by Renon and Prausnitz to correlate excess thermodynamic data at 
and above room temperature. The second variation is a mole fraction 
model which considers only the chemical interaction related to the 
breaking of a hydrogen bond. This model is characterized by an equi-
librium constant, Kp, and a temperature dependent enthalpy of forma-
tion, H«, for the formation of a dimer and by a equilibrium constant, 
K„, and a temperature dependent enthalpy of formation, H„, for the 
formation of an i+l-mer from a monomer and an i-mer. The constants 
were determined for ethanol + n-heptane at 213.15, 2^3.15, 273.15, and 
-1 O 
303.15 K. The model has been used by Haskell et al. to correlate 
excess thermodynamic data at and above room temperature. 
The correlation of the excess thermodynamic data with the volume 
fraction model can be summarized as follows. The contribution to the 
excess enthalpy due to the breaking of hydrogen bonds decreases with 
decreasing temperature and becomes negligible at the lowest tempera-
ture. The observed decrease of the effect was attributed to an increase 
XIX 
in the equilibrium constant which suggests that higher order i-mers are 
favored at lover temperatures. The contribution due to physical inter-
actions increases slightly with decreasing temperature. 
The correlation of the excess thermodynamic data with the mole 
fraction model can be summari2'Jed as follows. The contribution to the 
excess enthalpy due to the breaking of hydrogen bonds also decreases 
with decreasing temperature. This model predicts a larger contribution 
to this effect at lower temperatures than does the volume fraction model. 
The results of the theoretical analysis with the mole fraction model 
suggested that a modification be made to include a physical interaction 
term. 
kk 
The present work combined with the works of Renon and Prausnitz , 
17 
and of Haskell et al. represent a very extensive theoretical analysis 
of the excess thermodynamic data of the efchanol + n-heptane system from 
213.15 to 3̂ -8.15 K. The volume fraction model gave the better corre-
lation especially at lower temperatures. It was concluded that, for the 
sake of mathematical simplicity without the loss of a reasonable inter-




The theory of solutions of nonelectrolytes has been the subject 
of discussion and research for many years. In the past few decades a 
concentrated study has been directed to the study of solutions in which 
specific strong interactions occur. Specifically, solutions of alcohol-
inert solvents have attracted a lot of interest because the strong non-
ideality that they exhibit can be attributed to hydrogen bonding. 
Excess thermodynamic properties have been a successful approach 
to the study of these specific interactions. Two different theoretical 
approaches have proven useful in analyzing these excess property data. 
3 h 58 
One approach has been developed by Barker and Tompa based on a 
quasi-lattice picture of the liquid, where each molecule occupies a 
certain number of sites of a lattice. The other approach has been the 
"theory of associated solutions" which is based on a quasi-chemical idea 
9 
first introduced by Dolezalek'' and since then has been improved by 
several authors ' >?>->>->> m Trie quasi-chemical theory attributes 
the major effect of chemical interaction to the alcohol molecule, which 
forms associated polymeric species by chemical reactions. 
The objectives of this work have been: (l) to determine experi-
mentally the composition and temperature dependence of the excess heat 
capacity, C , excess enthalpy, If, excess entropy, E> , and excess Gibbs 
sr 
E 
free energy, G , for two alcohol-hydrocarbon systems (ethanol + n-heptane 
2 
and 2-propanol + n-heptane) over a temperature range from room tempera-
ture to -90 C and (2) to use these excess property data to test the cur-
rent theory of associated solutions. 
E E _E E 
The excess thermodynamic properties C , H , £>, and G are all 
interrelated thermodynamically as given by Equations (6), (7), and (8) 
of Chapter IV. Therefore,, from an experimental determination of the 
temperature dependence of one of the properties, the others can be cal-
culated provided the necessary integration constants are available. The 
E 
G data are generally calculated from vapor-liquid equilibrium measure-
ments. At these lower temperatures the vapor pressure is too low to be 
measured accurately with present day techniques. The CT and ET data, 
however, can be determined directly from experimental measurements. 
The H measurement is more suitable for the determination of the com-
positional dependence at an isotherm and the u measurement is more 
suitable for the determination of the temperature dependence at constant 
composition. For this reason and the availability of the equipment, the 
excess heat capacity has been determined from measurements of the heat 
capacity of the pure components and five binary mixtures for each sys-
tem in a precision adiabatic calorimeter suitable for measurements from 
15 to 350 K. 
An extensive review of the literature has been made to determine 
the excess enthalpy and excess heat capacity data that have been mea-
sured for binary nonelectrolyte mixtures. As a result of this litera-
ture search, two unpublished compilations were made, one for HT and one 
E 
for C . The excess enthalpy compilation contains more than 700 binary 
3 
systems of published and unpublished, data. The data have "been classified 
in one of three classes (Non-Polar + Non-Polar, Non-Polar + Polar, or 
Polar + Polar) according to the overall dipole moment of the components. 
A similar compilation has "been made of the heat capacity of mixtures "but 
only about 50 mixtures have "been measured. A review of the heat capacity 
h9 measurements of "binary solutions has "been made "by Rowlinson . Recent 
22 
excess heat capacity measurements include those of Hwa , Chang and 
5 26 
We strum , and of Klesper . Chang and West2̂ um studied carbon tetra-
chloride + tetramethyltnethane over a wide temperature range extending 
into the solid region. However, they failed to measure the heat capacity 
of the pure components. Klesper studied two alcohol-hydrocarbon solutions 
"but over a very limited temperature range near room temperature. Hwa > 
made a study of ethanol + methylcyclohexane and ethanol + toluene over 
a wide temperature range. In fact his work initiated the interest in 
the present set of measurements. A compilation of the excess Gibbs free 
energy or vapor-liquid equilibrium data has "been given elsewhere ' 
The literature search served a twofold purpose. It served as a 
guide in choosing the systems that were studied and it afforded the 
knowledge of the availability of the excess Gibbs free energy and excess 
enthalpy at one temperature to "be used as integration constants. The 
integration constants, If and G , are available for the systems to "be 
studied (ethanol + n-heptane and 2-propanol + n-heptane ). The 
excess heat capacity data and the integration constants are used to 
calculate and G as a function of temperature. The present 
excess thermodynamic study from room temperature to -90 C complements 
the previous studies of Van Ness and his colleagues ' ' from room 
4 
temperature up to 75 C As a result excess thermodynamic data are 
available for two alcohol-hydrocarbon systems over a very wide tempera-
ture range. 
The theory of associated solutions has been chosen for study. 
Two variations of this theory have been investigated. One model is 
based on volume fraction statistics and the other on mole fraction 
statistics. Both models are based on the concept of continuous associ-
ation. This concept allows the existence of polymeric alcohol species 
with a chain length from one to infinity. The volume fraction model 
separates the interactions into chemical and physical types. The 
parameters of this model include one equilibrium, constant independent 
of the polymeric reaction, an enthalpy of formation of a hydrogen bond 
independent of temperature, and a temperature dependent physical inter-
action parameter. The mole fraction model, on the other hand, recog-
nizes only chemical interactions. The parameters of this model include 
an equilibrium constant for the dimerization reaction only, an equilib-
rium constant for higher order reactions independent of the polymer 
formed, and an enthalpy of formation of a hydrogen bond with a linear 
dependence of temperature. 
5 
CHAPTER II 
EXPERIMENTAL APPARATUS MD PROCEDURE 
Description of Apparatus 
The apparatus used in the measurement of the heat capacity was a 
precision adiabatic-shield high-vacuum calorimeter suitable for measure-
33 ments from 15 to 350 K. The apparatus, which has "been used "by McGee , 
Hwa , Ziegler et al. , and Liu , is similar in design to one described 
52 
"by Scott . A limited description is given "below. A more detailed 
33 description is given "by McGee 
A schematic diagram of the calorimeter is given in Figure 1. 
Briefly the apparatus consists of a copper calorimeter can, G, which 
contains the sample, surrounded "by an adiabatic shield, F. The shield 
and can are suspended from a guard ring, C. The guard ring is attached 
to the vacuum jacket, D, and acts as a temperature "buffer zone "between 
the bath, B, in which the vacuum jacket is immersed. The vacuum jacket 
can be evacuated through the monel tubing, A, or helium gas can be 
introduced to the jacket to facilitate the cooling of the sample. 
The calorimeter has three basic electrical circuits. These are: 
(l) the circuit controlling the temperature of the adiabatic shield and 
guard ring, (2) the circuit controlling the energy input to the calori-
meter can, and (3) the circuit to measure the equilibrium temperature 
of the calorimeter can. 













Figure 1. Schematic. Diagram of Calorimeter. 
7 
The temperature difference between the adiabatic shield and 
calorimeter can was monitored with 3 three-junction constantan-chromel-P 
thermocouples, TD1, TD2, TD3. The temperature of the shield was con-
trolled with three electrical heaters, HI, H2, and H3. All electrical 
leads were wound around the ring, C, before passing through the monel 
tubing, A. Therefore the temperature difference between the ring and 
the adiabatic shield was monitored with thermocouple, TD̂ -, and the tem-
perature of the ring was adjusted with an electrical heater, Ĥ -. During 
an equilibrium period or an energy input period the shields could easily 
be maintained within a temperature difference of less than 0.01 degrees 
with respect to G. 
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A variable temperature bath was used by Hwa . However, McGee 
31 and Liu used constant temperature baths for specific temperature 
ranges in their work. Constant temperature baths were used in the 
present work. For this reason, a drift rate study was initiated to 
determine the effect of the baths on the heat capacity measurements. 
The drift rate study is summarized in Appendix F. The result of the study 
was that shield control using the constant temperature baths had a max-
imum effect on the heat capacity of less than 0.1 per cent. 
The energy input circuit is shown schematically in Figure 10, 
Appendix D. The energy input to the calorimeter heater, J, was deter-
mined by measuring the voltage across and the current flowing thru the 
heater with a 100,000 microvolt White double potentiometer. The vol-
tage was supplied by a constant voltage D.C., power supply (Hewlett-
Packard Model 6l01A). The power supply provided a voltage difference 
accurate to 0.001 per cent with a variation of the current in the 
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curcuit "by less than 0.00001 per cent. The standard resistor, the 
standard cells, and the volt box in the circuit were calibrated by the 
U.S. National Bureau of Standards. The time of a heat input was deter-
mined with a 110 volt, 60 cycle type S-10 electric timer (Standard 
33 Electric Timer Company). A previous analysis showed the heating 
interval could be determined to within 0.1 second. 
The temperature measurements were made with a platinum resis-
tance thermometer, K, made by the Leeds and Northrup Company. The 
thermometer (Leeds and Northrup No. 10̂ -8215) was calibrated by the 
U.S. National Bureau of Standards on the International Practical Tem-
perature Scale of 19̂ -8 down to the normal boiling point of oxygen, 
-I82.9TO C. The resistance of the thermometer was measured with a 
Leeds and Northrup Mueller G-2 resistance bridge.to better than 0.0001 
ohm (0.001 C). 
Experimental Procedure 
There were four steps involved in the experimental procedure 
of preparing the sample for a heat capacity measurement: (l) the prep-
aration of a mixture, (2) the transfer of the mixture or pure component 
to the calorimeter can, (3) the sealing of the sample in the calorimeter 
can, and (h) the sealing of the calorimeter can in the adiabatic calori-
meter. 
To prepare a mixture, a precision Mettler balance was used to 
weigh the pure components of the mixture. A specially made weighing 
bottle having a marked volume of 170 ml. and weighing 30 gms. was used 
to transfer the pure components to a reagent bottle. The reagent bottle 
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had previously "been cleaned and vacuum dried. This procedure afforded 
a rough check on the amount of pure component used to<. make the mixture. 
One hundred seventy milliliters of sample were transferred to 
the weighing "bottle. All transfers were made using dry gaseous nitro-
gen. Once the weighing bottle plus sample was weighed, then the sample 
was transferred to the calorimeter can, which had "been cleaned and vacu-
um dried for at least 30 minutes. The empty calorimeter can, which 
weighs approximately 193.6 gms. and has a volume of l6o ml., was filled 
to about 10 ml. of its capacity. The weight of the sample (approxi-
mately 110 gms.) was determined on a rough balance to 0.02 gm. from the 
total weight of the can (approximately 300 gms.). A check! on the weight 
of the sample was possible from the differences in the weight of the 
weighing bulb plus sample. 
The calorimeter can was sealed by soldering two brass caps, E, 
on the entrant tubes, E and I, with 50-50 tin lead solder. The amount 
of solder added never varied by more than 0-02 gram. This variation 
was shown to have a negligible effect on the measured heat capacity in 
Appendix D. 
The calorimeter can was suspended in the calorimeter. All leads 
were connected and tested for electrical grounding and shorts. The 
adiabatic shield was replaced. The vacuum jacket was soldered using 
4o-6o tin lead solder and tested for vacuum tightness. The calorimeter 
-5 
was evacuated to 10 torr. The system was ready for heat capacity mea-
surements. 
The calorimeter can and sample were cooled to the desired tem-
perature with helium as the heat exchange gas. .An ice bath was used 
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for the temperature range 0 to 35 C, a dry ice-ethanol "bath for -78 to 
0 C, and a liquid nitrogen "bath for temperatures "below -78 C. 
The heat capacity measurements involved five steps: l) the 
"balancing of the temperature of the ring, adiahatic shield, and the 
calorimeter can, 2) the measurement of the initial resistance of the 
platinum resistance thermometer, 3) "the measurement of the potential 
across the standard resistor and across the volt "box (from which the 
potential across the heater can "be determined), k) the measurements of 
the total time that energy was supplied to the can, and 5) "the measure-
ment of the final resistance of the platinum resistance thermometer. 
Heat capacity measurements were made continuously when possible, 
i.e. the final temperature of one measurement was the initial tempera-
ture for the next measurement. The temperature interval used was four 
to five degrees with time intervals of 900 to 1̂ -00 seconds. 
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CHAPTER III 
EXPERIMENTAL RESULTS AND DISCUSSION 
The rav calorimetric data, taken during a heat capacity measure-
ment, (l) thermometer resistances, (2) potential across the heater, 
(3) potential across the standard resistor, and (h) the time of an 
energy input, vere used to calculate the heat capacity of the sample. 
The molar heat capacity was then calculated from the mass of the sample. 
The calculations vere processed on a Burroughs 5500 digital computer. 
A sample calculation is given in Appendix D. Numerical constants and 
the temperature scale and energy conversions used in all calculations 
are given in Appendix A. 
A heat capacity measurement vas composed of four parts: (l) the 
heat capacity of the sample, (2) the heat necessary to vaporize part of 
the sample, (3) the heat capacity of the gas phase above the liquid, 
and {k) the heat capacity of the calorimeter can. The effects of (2) 
and (3) are shown to "be negligible in Appendix D and are neglected. 
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The heat capacity of the can had been determined by Hwa , vho fitted a 
fourth degree polynomial in temperature to his data (Appendix D). The 
heat capacity of the can vas calculated from the polynomial at the mid-
point of the heat capacity measurement. The heat capacity of a sample 
vas the total heat capacity minus the heat capacity of the can. 
The calorimeter can vas sealed at room temperature under an 
atmosphere of essentially dry gaseous nitrogen. A calculation vas made, 
that indicated the difference betveen the measured quantity, C , and 
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Cp, was negligible for the range of temperature in this work. There-
fore the measurements are taken to give Cp. 
The molar heat capacity of each of the pure components was 
determined by the a"bove method. These data are given in Tables 6, 7> 
and 8 of Appendix B. The hea" capacity data were fitted "by a polynom-
ial in temperature "by the method of least squares. The polynomials 
are given in Ta"ble 11 on the International Practical Temperature Scale 
of 1968 (IPTS-68) and Ta"ble 12 of Appendix B on the International Prac-
tical Kelvin Scale of 195^ (lPKS-54). 
The molar heat capacity of each mixture, C , was determined "by 
the same method. From the polynomial mentioned above, the heat capac-
ities of the pure components, C ., were evaluated at the midpoint of 
s E 
the temperature of the C measurement. The excess heat capacity, C , 
was calculated from its definition, Equation (6), Chapter TV. The 
midpoint temperature of the C"" measurement was assigned to the C 
value. The excess heat capacity data for each mixture were fitted "by 
s E a polynomial in temperature "by method of least squares. The C and C 
data are given in Ta"bles 9 ar^ 10 of Appendix B. The polynomials are 
given in Ta"ble 11 of Appendix B. 
The heat capacity data measured are summarized in Ta"ble 1. The 
heat capacity data of n-heptane, 2-propanol, and ethanol are given in 
Tables 6, J, and 8 respectively of Appendix B. The heat capacity data 
and the excess heat capacity data of the 2-propanol + n-heptane system 
are given in Table 9> Appendix B. The heat capacity data and the excess 
heat data of the ethanol + n-heptane system are given in Table 10, 
Appendix B. 
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Table 1. Summary of the Heat Capacity Measurements. 




2-Propanol + n-Heptane 











Melting Point to 302 
Melting Point to 30^ 
Melting Point to 306 
187 to 305 
188 to 305 
188 to 30^ 
188 to 305 
188 to 30^ 
203 to 306 
219 to 306 
216 to 306 
212 to 305 
195 to 305 
*• Compositions are given in chronological order of measurement. 
The heat capacity data for n-heptane, 2-propanoic and ethanol 
were fitted by fifth, third, and fourth degree polynomials in tempera-
ture, respectively. The polynomials fit the data with an average devi-
ation of 0.06 Joules/gm. mole-K and a maximum deviation of 0.̂ 0 Joules/ 
mole-K. The excess heat capacity data of the 2-propanol + n-heptane 
system were fitted by a fourth degree polynomial, for each mixture. The 
average deviation of the fit from the experimental data was 0.04 Joules/ 
mole-K and a maximum deviation of 0.l6 Joules/mole-K. The excess heat 
capacity data of the ethanol + n-heptane system were fitted by a fourth 
degree polynomial for each mixture. The average deviation of the fit 
from the experimental data was 0.0U Joules/mole-K and the maximum 
deviation was 0.21 Joules/mole-K. 
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The melting points and purity of the: pure components were found 
calorimetrically. A more complete discussion of the method and of the 
results are given in Appendix E. The melting points were measured to 
"be 158.991, 185.232, and 182.565 K for ethanol, 2-propanol, and n-hep-
tane, respectively. These results on the 3PKS-5^ are compared to lit-
erature values in Tatde 2k, Appendix E. The purities calculated from 
the melting point experiments are 99.9^^ 99.84, and 99-70 mole per cent 
for ethanol, 2-propanol, and n-heptane, respectively (Table 23, Appendix 
E). 
Andon et al. have measured the heat capacity of 2-propanol. 
The standard deviation of their work from their smoothed data was 
given as 0.1 per cent. A comparison of the smoothed heat capacity of 
the presentcwork with their experimental data gave an average devia-
tion of 0.03 cal./mole, or 0.11 per cent, and a maximum deviation of 
0*33 per cent. The comparison of data is given in Tat>le 13, Appendix B. 
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The heat capacity of ethanol has "been measured "by Hwa , "by 
Nikolaev et al. , and "by Kelley . Kelley stated that ab»ove 200 K 
heat capacities may "be in error "by as much as 1 per cent. Nikolaev 
et al. stated an accuracy of 0.2 per cent. However, "both sets of 
measurements deviate from the present work with a maximum deviation 
slightly larger thanene per cent. The measurements of Hwa deviate from 
the present measurements "by an average deviation of 0.l6 per cent. 
Hwa failed to make a "buoyancy correction in the calculation of the 
weight of his sample. This discrepancy accounts for a systematic 
0.13 per cent deviation. With this correction the measurements of Hwa 
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and the present work are in excellent agreement with each other. The 
comparison of data with Hwa is given in Table l4, Appendix B. The 
measurements of the heat capacity of ethanol made in this laboratory 
appear to be the best set of data available in the literature. 
The heat capacity of n--heptane has been measured by the U.S. 
10 34 
National Bureau of Standards and by the U.S. Bureau of Mines . Both 
groups worked with n-heptane which*had a purity of 99-97 per cent. 
34 
McCullough and Messerly made an analysis of the five sets of measure-
ments of the Bureau of Mines. From their analysis they selected what 
they considered to be the most probably heat capacities. They compared 
these selected heat capacities with the U.S. National Bureau of Stand-
ards measurements, which were consistently low by an average deviation* 
of 0.04 cal./mole-K, or 0.1 per cent. The smoothed results of the 
measurements of the present work are consistently low by 0.09 cal./ 
mole-K, or 0.2 per cent with a maximum deviation of 0.24 per cent. 
The impurity of the n-heptane was estimated to account for a large 
part of this discrepancy. However, taken overall, the results agree 
well within experimental error. The comparison of the data is given 
in Table 15, Appendix B. 
The excess heat capacity of the 2-propanol + n-heptane system. 
has not been previously determined. The excess heat capacity data of 
26 
the ethanol + n-heptane system have been determined by Klesper from 
20 to 70 C. The accuracy of his work was given as 0.07 per cent of 
the heat capacity or 0.15 "to 0.07 Joule/mole-K uncertainty in. the 
excess heat capacity from pure ethanol to pure n-heptanej respectively. 
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The accuracy claimed in the present work is 0.15 to 0.07 Joule/mole-K. 
The two results deviate by about 0.5 Joule/mole-K. A comparison of the 
two works showed the heat capacity of n-heptane agreed within 0.03 per 
cent, but the heat capacity of ethanol deviated by as much as 0.8 per 
cent. Klesper did not give the purity of the ethanol, so presumably 
the impurity was significant enough to cause the discrepancy between 
his work and the present work. 
In view of the reproducibility of the heat capacities, of the 
average deviations and maximum deviations from smoothed data, and of 
the agreement with data available in the literature, it is concluded 
that the heat capacities of the pure components and mixtures are 
accurate to 0.2 per cent. The error in the excess heat capacity is 
related to the reproducibility of the heat capacity measurement. The 
reason for this is that even though a systematic error might be present 
resulting in a large absolute error in the heat capacity, this system-
atic error would tend to cancel out in the determination of the excess 
heat capacity. Since the reproducibility of the heat capacity data is 
a random error, the error in Cp is the sum of the error in Cp and Cp. 
times the square root of two. On this basis the excess heat capacity 
is estimated to be accurate to 0.15 to 0.07 Joule/mole-K from pure 
n-heptane to pure alcohol respectively. 
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CHAPTER IV 
EXCESS THERMODYNAMIC PROPERTIES OF ETHANOL + n-HEPTAIflE 
AM) 2-PR0PAN0L n-HEPTANE SYSTEMS 
Deteiinination of Thermodynamic Relations 
The excess thez*modynamic properties are a measure of the devi-
ation of a solution from ideal "behavior. The definition of an excess 
property at the temperature and vapor pressure of the solution is 
3^ - Xs - E X.X° = AX*
1 - (iXM)id (1) 
j a J 
where X = molar value of property of the solution 
x. = mole fraction of component j 
X. = molar value of pure j at T, P of solution. 
j 
If the property X is heat capacity, enthalpy, entropy, or Gihhs free 
energy then 
CE = CS - Ex. C°. = ACM (2) 
P P , J PJ P v ' 
J 
H6 = HS - S x. H° = AH*1 (3) 
j J J 
S6 = SS - 2 x. S° + R 2 x. Ln x. = AS*1 + R 2 x. Ln x. (h) 
, J J . J O . J i 
J J u 
GE = GS - Ex. G° - R-T S x. Ln x. = AGM - R-T 2 x. Ln x. . (5) 
i J J A J J ; J J 
J J J 
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The properties are interrelated "by thermodynamic relations. In 
the present work the excess heat capacity is determined from the heat 
capacity of the pure components and of the mixture. For this reason, 
the other properties are expressed in terms of the excess heat capacity 
in the following mathematical relations 
/aA -E 
v * r ; = C P ( 6 ) 
p,x 
V fE 
2§I) - IE (7) 
dT / T Ki) 
p,x 
J& 
= ^ - T S13 . (8) 
The effect of the change of pressure (p <• la.tm. ) on the excess prop-
erties is shown to be negligible in Appendix: G; therefore the data can 
E 
be taken as at constant pressure. Once C has been determined as a 
P 
function of temperature, then the properties li, G , and £> can be 
determined as a function of tenperature once the integration constants 
JiT and G are known at a fixed temperature, by integrating, Equations 
(6)> (T)) and (8). The excess heat capacity is presented as a function 
of temperature in polynomial form in Table 11, Appendix B. 
The activity coefficients are determined from a compositional fit 
of the excess Gibbs free energy at a fixed temperature. The derived 
excess Gibbs free energy data a,re fitted with the Redlich-Kister equa-
tion, the modified Redlich-Kister equation,, the Wilson equation, 
and the Wiehe-Bagley equation by the method of least squares. The 
activity coefficients are calculated from the excess Gibbs free energy 
19 
functions with the relations 
R.T m Ya - J + *, (||)^T (9) 
R.T In Y h . G
E - xa (g£) (10) 
and the parameters in Tables 2$, 33> and ^k, Appendix H. The activity 
coefficients are given in Tables 37; and 3&> Appendix H for the ethanol 
+ n-heptane and 2-propanol + n-heptane systems,, respectively. 
Literature Data Used 
The integration constants needed to integrate Equations (6) and 
(7) are available in the literature. For the 2-propanol + n-heptane 
5^ 59 
system Van Ness et al. have measured the excess enthalpy from 
303.15 -to 333« 15 K and vapor-liquid equilibrium data at 303• 15 K. They 
also extracted the excess Gibbs free energy from vapor-liquid equilib-
rium measurements. The II and G data at 303•15 K were used as integra-
tion constants. 
The ethanol + n-heptane system has been thoroughly studied near 
room temperature. The excess enthalpy has been measured by Van Ness 
et al.2T' from 283.15 to 3*4-8.15 K, by Grosse-Wortman et al.15 at 
k-2 26 
293.15 K, and by Ramalho et al. from 293.15 to 303.15 K. Klesper 
used his determination of the excess heat capacity from 293.15 to 3^3«15K 
and the excess enthalpy of Grosse-Wortmann to derive If at 303.15 K. 
The excess enthalpy data all agreed within experimental error. The 
excess Gibbs free energy data have been determined by Van Ness et al. 
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at 303.15 K and by RotheTO from 303.15 to 333-15 K from their vapor-
liquid equili"brium measurements. 
The excess enthalpy and excess Gibbs free energy data of Van 
Ness et al. are used for the ethanol + n-heptane system. The reasons 
for using their data are to get internal consistency and that they made 
very extensive measurements as a function of composition. The data for 
"both systems were smoothed graphically for the purpose of interpola-
tion and are given in Ta"bles 1.6 and ±'J, Appendix C. 
Results and Discussion 
The excess enthalpy, excess Gibbs free energy, and excess entropy 
are derived from the excess heat capacity data of the 2-propanol + n-
heptane and ethanol + n-heptane systems. For 2-propanol + n-heptane 
the excess properties are derived from 183.15 to 303.15 K at five degree 
intervals. For the ethanol + n-heptane system the excess properties are 
derived from 213.15 to 303.15 K at five degree intervals. The excess 
properties are given in Table 1J, Appendix C. All quantities outside 
these temperature ranges were obtained from an extrapolation of the func-
tional representation of the excess heat capacity as given in Table 11, 
Appendix B. The Gibbs free energy of mixing is also derived and given 
in Tables 18 and 19, Appendix 0. The temperature and composition 
behavior for C , Ii, G , and oJ is shown in Figures 2, 3, k, and 5> 
respectively. 
The activity coefficients for ethanol + n-heptane are derived 
at 213.15, 2V3.15, 273.15, and 303.15 K and are given in Table 37, 
Appendix H. The activity coefficients for 2-propanol + n-heptane are 
24 24 
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derived at 183.15, 213.15, 243.15, 273.15, and 303.15 K and are given 
in Table 38* Appendix H. 
The excess enthalpy data for ethanol + n-heptane at 293.15 K in 
the present work agree with the measurements of Grosse-Wortmann et al 
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and Ramalho and Ruel within better than two per cent. The excess 
enthalpy data for ethanol + n-heptane derived at 283.15 K in the present 
work also agree with the measurements of Van Ness et al. within 
better than two per cent. The excess heat capacity data for the ethanol 
+ n-heptane and 2-propanol + n-heptane systems are extrapolated to 
derive the excess enthalpy for both systems at 318.15 K. The excess 
enthalpy for both systems agrees with the data of Van Ness et al. '' 
to within better than two percent. The agreement of the derived excess 
enthalpy data with experimental measurements gives an indication of the 
accuracy of the excess heat capacity data. 
The uncertainty in the derived excess thermodynamic properties 
arises from two sources: the uncertainty in the integration constants 
and the error due to the integration of the excess heat capacity data. 
The first error is a constant error (i.e., an error of 10 Joules/mole 
m or G at 303.15 K is transmitted as an error of 10 Joules/ 
mole in H5, SE, or G at 213.15 K). The second error is propagated 
with temperature and is the product of the error in the excess heat 
capacity and the temperature difference. The error in the excess heat 
capacity (see Chapter III) is 0.15 to 0.07 Joules/mole-K from a concen-
tration of pure n-heptane to pure alcohol respectively. The uncer-
tainty in the excess enthalpy taken from the literature is estimated 
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to "be one to two per cent. The uncertainty of the excess GitTbs free 
energy data taken from the literature is estimated to "be tvo per cent 
in light of the absence of experimental second interaction virial coef-
ficient data and the uncertainty of the experimental data. An error 
analysis yielded an uncertainty in the excess enthalpy of k to 12 Joules/ 
gm. mole at 303.15 K increasing to 17 to 26 Joules/gm. mole at 183.15 K. 
The error analysis yielded an uncertainty in the excess Gi"b"bs free 
energy of 2 to 7 Joules/gm. mole at 303.15 K, increasing to 6 to 13 
Joules/gm. mole at 183.15 K. The uncertainty of the excess entropy 
is 0.02 to O.06 Joules/gm. mole-K at 303*15 increasing to 0.l6 Joules/ 
gm. mole-K at 183.15 K. An error analysis is not made for the activity 
coefficients. However, they are derived "by three different methods, 
thus giving an indication of the maximum errors. 
The excess thermodynamic properties of the alcohol-hydrocar"bon 
systems have mostly "been studied at and a"bove room temperature. Ethanol 
+ n-heptane and 2-propanol + n-heptane represent the "behavior of these 
systems in this temperature range as shown in Figures 2, 3̂  ^} and 5 
at 303.15 K. The excess heat capacity versus temperature curve has a 
positive slope, indicating the excess enthalpy increases with increasing 
temperature. The excess enthalpy is large, positive, and has a maximum 
in the dilute alcohol concentration region near room temperature. The 
excess entropy is negative except at low alcohol concentrations where 
the entropy "becomes positive. The minimum of the excess entropy is in 
the alcohol rich region. The excess enthalpy and excess entropy com-
pensate to give an excess Gi"b"bs free energy which has its maximum near 
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the equimolar composition and is large and positive. 
^9 Rowlinson gives an explanation for the general behavior of an 
alcohol in a non-polar solvent near room temperature. The three points 
emphasized by Rowlinson are 
(1) The majority of the excess enthalpy is a measure of the 
number of hydrogen bonds and other local electrostatic interactions 
that are broken on forming a mixture with an inert solvent. The excess 
enthalpy is small in mixtures rich in alcohol since the addition of a 
small amount of an inert solvent breaks few hydrogen bonds. The inert 
solvent is probably accommodated interstitially in a matrix of hydrogen 
bonded alcohol molecules. The excess enthalpy is large in mixtures 
weak in alcohol,, since the addition of a small amount of alcohol to a 
large amount of the inert solvent must necessarily break the majority 
of the hydrogen bonds. 
(2) The excess entropy is positive in mixtures very dilute in 
alcohol due to the loss of orientational order that necessarily follows 
the breaking of all of the hydrogen bonds. The excess entropy becomes 
negative with increasing concentration of alcohol, since the mixture 
now contains a number of hydrogen bonds. The hydrogen bonds impose 
both a positional and orientational order on the system that is greater 
than that to be expected in a randomly dispersed solution. This 
accounts for the asymmetry of the excess entropy with a minimum in the 
alcohol rich region. 
(3) The opposite signs of the excess: enthalpy and excess en-
tropy are roughly explained in that no hydrogen bonds broken corres-
ponds to a zero heat of mixing and very few hydrogen bonds remaining 
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corresponds to zero excess entropy. The real system departure from 
these hypothetical states lead to the sign and asymmetry observed for 
the excess enthalpy and excess entropy. The complementary asymmetry 
of these two functions lead to the symmetrical excess Gibbs free energy. 
The behavior of ethanol + n-heptane and 2-propanol + n-heptane 
near and above room temperature is explained by Rowlinson's three points. 
The behavior of the excess thermodynamic properties at lower tempera-
tures is different from the behavior at and above room temperature for 
ethanol + n-heptane and 2-propanol + n-heptane. The behavior of the 
alcohol-hydrocarbon systems as a function of temperature, which has 
been examined in the present work at lower temperatures, is now dis-
cussed. 
The excess thermodynamic properties and their temperature de-
pendence for ethanol + n-heptane can be described as follows: (l) the 
excess enthalpy is large and positive, decreases with decreasing tem-
perature except at low temperatures in the alcohol rich concentration 
region, and has a shift of the maximum from the dilute alcohol range to 
the alcohol rich range as the temperature decreases, (2) the excess 
entropy is negative except in the dilute alcohol concentration range, 
becomes more negative with decreasing temperature, and has a shift of 
the minimum from the alcohol rich range to the dilute alcohol rich 
range as the temperature decreases, and (3) the excess Gibbs free energy 
is large and positive, decreases with decreasing temperature, and has a 
maximum near the the equimolar composition at all temperatures. 
The excess thermodynamic properties and their temperature 
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dependence for 2-propanol + n-heptane are similar to those of ethanol 
+ n-heptane. The 2-propanol H- n-heptane system differs in the follow-
ing respects: (l) the excess enthalpy is larger near room temperature 
"but approximately the same as ethanol + n-heptane at the lowest tem-
perature, (2) the excess entropy is less negative near room temperature 
"but approximately the same as ethanol + n-heptane at the lowest tem-
perature, and (3) the excess G-i"b"bs free energy is smaller. 
The temperature dependence of the excess properties at tempera-
tures ahove and "below room temperature is similar. The deviations of 
"behavior "below room temperature for the two alcohol-hydrocarhon systems 
have "been discussed ahove. An. interpretation of the excess property 
data "below room temperature is now presented. The decrease of excess 
enthalpy with temperature can "be interpreted as the decrease in the 
number of hydrogen "bonds "broken. Fewer hydrogen "bonds "broken results 
in more order and also explains the more negative excess entropy. The 
shift of the maximum of the excess enthalpy from the dilute alcohol to 
the alcohol rich concentration region can he explained hy an increasing 
average chain length of alcohol polymers with decreasing temperature. 
In other words the number of actual moles present are fewer than is 
indicated "by the stoichiometric composition. At lower temperatures 
the excess enthalpy and excess entropy are almost independent of tem-
perature. The non-ideality arising from dispersion force interactions 
generally increases moderately with decreasing temperature. The vari-
ation with temperature of the excess enthalpy and excess entropy at 
lower temperatures, is interpreted! As "being due to the contribution 
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from the "breaking of hydrogen bonds decreasing at such a rate as to 
approximately cancel the increase of the contribution from the dis-
persion force interaction. 
A correlation of the excess Gibbs free energy was made with the 
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Redlich-Kister equation , a modified Redlich-Kister equation , the 
6k 62 
Wilson equation , and the Wiehe-Bagley equation for ethanol + n-
heptane and 2-propanol + n-heptane. The results of the analysis is 
given in more detail in Appendix H. The activity coefficients are 
calculated using Equations (9} and (10) in conjunction with the 
Redlich-Kister, Wilson, or Wiehe-Bagley equation. Explicit relations 
for the activity coefficients are given in the literature . The 
activity coefficients are obtained for ethanol + n-heptane and 2-
propanol + n-heptane. The results of these calculations are given in 
Appendix H. 
The first three of the above mentioned equations are of an 
empirical nature in which the parameters have very little physical 
37 significance. Orye and Prausnitz have, however, given a qualitative 
significance to the parameters of the Wilson equation. The parameters 
of the Wiehe-Bagley equation do have physical significance. 
The results of the empirical correlations were that the excess 
Gibbs free energy could be represented as a function of composition 
(above 0.08 mole fraction alcohol) at each isotherm (from 183.15 "to 
303.15 K). The Redlich-Kister equation, the modified Redlich-Kister 
equation, and the Wilson equation gave average deviations of less than 
0.5 per cent and maximum deviations of less than 0.8 per cent at each 
isotherm of the ethanol + n-heptane system. For the 2-propanol + 
31 
n-heptane system average deviations are less than 0.5 per cent for the 
two forms of the Redlieh-Kister equation "but average deviations are as 
large as 2 per cent for the Wilson equation. However, for both systems 
the Wilson equation is able to correlate the data with the fewest number 
of parameters (two) and for this reason is preferable for correlation of 
E the G data. A more extensive discussion of the correlations is given in 
Appendix H. 
The qualitative results obtained earlier will now be discussed 
E 
in light of the results of the correlation of the G data with the 
Wiehe-Bagley equation. The excess Gibbs free energy data were correlated 
reasonably well by the Wiehe-Bagley equation with average deviations as 
large as 13 per cent at 183.15 K for the 2-propanol system. The activ-
ity coefficients obtained for 2-propanol + n-heptane indicate that the 
Wiehe-Bagley equation gives a better representation of the data near 
room temperature than at lower temperatures. This conclusion is based 
on comparison with activity coefficients of Van Ness et al. from ex-
perimental vapor-liquid data at 303.15 K and the seemingly unreasonably 
large activity coefficients calculated from the Wiehe-Bagley equation 
at the lowest temperature. The parameters were determined solely from 
the excess Gibbs free energy data. 
E The excess enthalpy was calculated by differentiation of the G 
data since 
H8 - - T2 ' V * . (11) 
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The excess enthalpy calculated by this procedure from the parameters 
(Table 3*0 of the Wiehe-Bagley equation is given in Tables 2 and 3-
The predicted excess enthalpy also represents the general behavior that 
the alcohol-hydrocarbon systems exhibit, namely that: 
(1) The excess enthalpy is large, positive, and decreases with 
decreasing temperature. 
(2) The excess enthalpy has a maximum in the dilute alcohol mole 
fraction region near room temperature shifting to the alcohol rich mole 
fraction region at lower temperatures. 
All of the activity coefficient data (Tables 37 and 3&> Appendix 
H) increase with decreasing temperature. This suggests the possibility 
of phase separation, although the thermodynamic condition for phase 
separation is that the Gibbs free energy of mixing versus composition 
exhibits a common slope at different compositions of an isotherm. The 
Gibbs free energy of mixing data for both alcohol-hydrocarbon systems 
indicate that phase separation could occur. However, when the error 
associated with the derived Gibbs free energy of mixing data is con-
sidered, phase separation is uncertain for 2-propanol + n-heptane but 
is certain for ethanol + n-heptane. Qualiteitive cloud point experi-
ments verify that phase separation does not occur for the 2-propanol 
system but does occur for the ethanol. system at 207.6^+.0.5 K for 
0.̂ 3 mole fraction ethanol. This upper critical solution temperature 
is very sensitive to the concentration of water. 
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Table 2. Excess Enthalpy Predicted by the Wiehe-Bagley 
Equation for Ethanol + n-Heptane. 










0.2805 859 66h k2k 37^ 
0.1*388 778 670 397 399 
0.6l^0 596 593 329 387 
0.8107 316 1*08 207 298 










0.2805 233 21*2 199 19l* 
0.^388 260 280 2jk 239 
0.6lko 267 302 335 278 
0.8107 223 260 337 259 
* Excess enthalpy predicted by the Wiehe-Bagley equation, Joules/mole, 
The parameters are given in Table 3̂.? Appendix H. 
*-* Derived excess enthalpy given in Table 173 Appendix C, Joules/mole. 
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Table 3- Excess Enthalpy Predicted "by the Wiehe-Bagley 
Equation for 2-Propanol + n-Heptane 








H ^ D e r . ) * * 
0.0809 283 
0.2^92 IO69 Qkk 539 ^90 
0A219 1001 910 ^93 515 
0.5993 785 809 388 k6o 
0.798^ >68 506 2 3 ^ 29k 








H ^ D e r . ) * * 
0.0809 81.3 
0.2^92 292 296 181 2 0 ^ 
0.^219 323 296 2^5 2 0 1 
0.5993 315 283 277 222 
0.798^ 237 







H^Der . )** 
59 .1 0.0809 
0.2^92 98 17^ 
0A219 1^7 187 
0.5993 179 232 
0.798^ 168 202 
•* Excess enthalpy predicted by the Wiehe-Bagley equation, Joules/mole, 
The parameters are given in Table 3̂.? Appendix H. 
*-* Derived excess enthalpy given in Table 1.6, Appendix C, Joules/mole. 
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CHAPTER V 
THEORY OF ASSOCIATED SOLUTIONS 
Introduction 
A qualitative discussion of the excess thermodynamic properties 
of ethanol + n-heptane and 2-propanol + n-heptane is given in Chapter 
TV. A quantitative discussion is given below based on the theory of 
associated solutions. 
The hydrogen bond exists in solutions in "which a hydrogen atom 
is attached to an electronegative atom such as N, F, or 0. For this 
reason the alcohol molecule, R-OH, can form species containing two or 
more monomer units. The pure alcohol can then be viewed as a mixture 
of polymer units at chemical equilibrium. The addition of an inert 
solvent may be viewed as adding one component to the multicomponent 
analysis. 
Based on these ideas, the theory of associated solutions has 
been developed. The theoretical treatment was first developed by 
Lassettre and improved by Tobolsky and Blatz , Flory , Redlich 
43 50 44 18 
and Kister , Scatchard , Renon and Prausnitz , and Haskell et al. 
43 
The associated theory has been applied by Redlich and Kister , 
29 38 57 
Kretschmer and Wiebe , Papousek et al. , Tobolsky and Thach , Wiehe 
62 44 18 
and Bagley , Renon and Prausnitz , and Haskell et al. to such 
solutions. The work which has been done in the field of spectroscopy 
39 is reviewed by Pimentel and McClellan . Other recent work that should 
36 
be mentioned is that of Van Ness et al. , of Dunken and Fritzsche , 
23 kl 
and of Ibbitson and Moore , to name a few. Prigogine and Defay , 
19 Jj-0 
Hildebrand and Scott , and Prausnitz have reviewed the development 
of the associated theory. 
Two variations of the theory of associated solutions based on 
the cell model are considered here to explain the temperature and com-
position behavior of alcohol-hydrocarbon solutions (the size of the 
hydrocarbon determines the cell size). A volume fraction model, which 
is derived from volume fraction statistics., is applied to ethanol + 
n-heptane, 2-propanol + n-heptane, and ethanol + methylcyclohexane. A 
mole fraction model, which is derived from mole fraction statistics, 
is applied to ethanol + n-heptane. An excellent discussion of the dif-
-i O 
ferences between the two statistical models is given by Haskell et al. . 
Both statistics assign one cell to the inert solvent molecule. However, 
volume fraction statistics assign i cells to an i-mer and mole fraction 
statistics assign one cell to each i-mer. Since the inert solvent 
varies in size and the i-mer distribution of the alcohol varies in 
size from one mixture to another, the assig;nment of cells to a real 
system would necessarily be expected to lie somewhere between these two 
extremes. 
Volume Fraction Model 
The volume fraction model has been used by other investiga-
tors ^' >?>->> to describe the excess thermodynamic functions of 
the alcohol-hydrocarbon systems. The theoretical development given 
13 kk 
here closely follows that of Flory and of Renon and Prausnitz 
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It is assumed that the alcohol in the pure state or in a mixture 
exists in the form of linear hydrogen bonded polymers and that these 
polymeric species are formed by reactions, for example 
R-OH + (R-OH)._1 Z (R-OH). (12) 
where R is some alkyl group. The polymeric species are at chemical 
equilibrium, therefore 
^1 + ^i-l = î ^13^ 
where p,. is the chemical potential of what will be referred to as the 
i-mer (composed of i monomer alcohol species). 
kl 
Prigogine and Defay show that the partial molar Gibbs free 
energy of stoichiometric alcohol is equal to the partial molar Gibbs 
free energy of monomeric alcohol 
G a-G x • (HO 
The excess Gibbs f ree energy, which i s defined by 
E 
G = = xa(\ " O
 + V \ " Gh> " R T[xa ** \ + *h *» \1 ^ 
is specified once the quantities G , G , G. , and G, are determined. 
a a ij. n 
IS 
The lattice model developed by Flory for the thermodynamic proper-
ties of solutions of heterogeneous polymers is used to obtain these 
quantities. Flory develops certain relations for the partial molar 
free energies. He bases the derivation of these quantities on the 
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assumptions of l ) a quasi-cheanical s tandard s t a t e , 2) the p h y s i c a l 
i n t e r a c t i o n s between the molecules being c h a r a c t e r i z e d "by an express ion 
of the van Laar type , and 3) no volume change on mixing. For the mono-
meric a l coho l in a mixture Equation (l^-) i s a l s o used t o ob ta in 
r v v #. 
G = G = G°° + R T Ln §. - Ln - + - $ - v S — 
a 1 1 L 1 v, v, a a . v . 
h h l i 
- ( ^ - l )Ln(0 - 1) + Ln T ] + 3 vfl ^ . ( l 6 ) 
For t he monomer a l coho l in the pure e thano l 
P- V V $ . 
_o no -oo , _ m T ,o T a , a v
1 
G = G = Gn + R T Ln §. - Ln — + — - v £ — 
a 1 1 L i v, v, a . v . 
h h l I 
- (-*- - l W f l - 1) + Ln T ] . (IT) 
w h / j 
F i n a l l y f o r t h e s o l v e n t 
$ 
G = G° + R 
h h T^Ln S, + $ - v, S —) + 3 v^ #
2 . (18) 
\ h a h v . / h a x / 
In Flory's interpretation of the lattice theory, each cell of the lat-
tice is occupied by a molecule of solvent or by a monomer segment of 
the i-mer molecule. This idea is used to put the quantity, v. in the 
form i.v, . If Equations (l6), (lT).> (l8)j and. the result for the molar 
volume of an i-mer are substituted into Equation (l5), then the expres-
sion for the excess Gibbs free energy is obtained 
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TT> r Si ^U ( X V + X T „ V ^ ) ^« 
nE _ mf T 1 , T h
 x a a h lr „ I 
G = R T x Ln + x. Ln — E -r~ 
L a ,o n x, v, . 1 
S..X h h i 1 a 
^^fl^WVa^V • ^9) 
h i 
The volume fraction of the polymeric species in solution, §., 
of the pure state, §., are unknown quantities in Equation (l9)« They 
can be related to the stoichiometric alcohol volume fraction by using 
the concept of the equilibrium constant for the reaction given in 
Equation (l2) 
i-1 1 L J 
kk 13 
This relation is derived by Renon and Prausnitz , and by Flory from 
the standard Gibbs free energy of formation. It will be assumed that 
the equilibrium constant is independent of the degree of association 
(i.e. K = Kp = K„ = ... = K.). This assumption together with Equa-
tion (20) leads to the general expression 
$. = (i).K1-1.^ (21) 
which relates the volume fraction of the i-mer to the volume fraction 
of the monomer and to the equilibrium constant. An equation identical 
to Equation (21) can be derived for the pure alcohol. The two equa-




2 t - (1-K.O (22) 
1 N l 7 
for (K-$ ) < 1, and 
$. $ 
S-r1 :: (23) 
i 2 (1-K.»°) 
for (K-§°) < 1. 
Equations (22) and (23) are combined with Equation (19) to yield 
GE = R.T.J x -Ln 
$. *. 
-f — — + x , . L n - + K x ( j . - §°)v /v, 1 
L a ,0 n x, ax 1 ly a' hj 
$nx h 
1 a 
This relation is identical* to that given "by Renon and Prausnitz 
The excess Gibbs free energy is reduced to a function of the param-
eters $, which is a physical interaction parameter, and K, which is an 
equilibrium constant for the associative reaction given in Equation 
(l2). All of the other variables are known quantities or have been 
* After the correlation of the excess property data with Equations 
(2k) and (33) had been completed; it was discovered that Prausnitz ^ 
has examined as an alternate assumption the case v. - i-v . This 
assumption results in relations for G and IP identical with Equation 
(2^) and (33)* except that the ratio, va/v^, does not appear explicit-
ly. The experimental Gr and H data for the ethanol + n-heptane, 2-
propanol + n-heptane, and ethanol + methylcyclohexane systems over the 
complete temperature range studied, were correlated using this modifi-
cation with the parameters given by Prausnitz^O. These parameters are: 
a H° of -6000 cal/mole (-2̂ 10̂  Joules/mole), and a K at 50°C of 190 for 
ethanol systems and 60 for 2-propanol systems. It was found that this 
modification represented the G$ data slightly better than Equation {2k)} 
but represented the EP data less satisfactorily than Equation (33). 
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related to functions of the equilibrium constant. 
The monomer volume fraction can be related to the stoichiometric 
alcohol volume fraction by a mass balance of alcohol molecules 
§ = Z S. (25) 
a . 1 
1 
then the infinite series can be put into closed form using Equation (2l) 
* a = ^ ( 2 6 ) 
a (1 - K * ) d 
for (K$,) < 1. This leads to a quadratic equation in §.. vith only one 
physically significant root 
1 + 2-K-$ - SQRT(l + U-K-§ ) 
*. = !—-p . (27) 
2-K * 
a 
A similar derivation relating the volume fraction of the monomeric 
alcohol in the pure state to known variables results in 
§o m 1 + 2-K - SQRT(l + k.K) ^ ( 2 Q ) 
1 2-K2 
At this point all of the unknown variables have been related to known 
quantities. 
The excess Gibbs free energy can be expressed as the sum of a 
chemical contribution and a physical contribution 
G
E = Q? + GE . (29) 
c p \ s/ 
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E 
The physical contribution G is given "by the last term of Equation (2k) 
^'•VV'VVVV (30) 
50 which is given by Scatchard . The chemical contribution is then given 
by the remainder of Equation (2k). 
The excess enthalpy can also be expressed as the sum of two 
contributions, a chemical interaction and a physical interaction. The 
excess enthalpy is found by differentiating the corresponding excess 
Gibbs free energy term since 
pfeaj , . JL . (J1) 
p,x R T 
The van't Hoff relation is given by 
d Ln K _ H / pv 
d T ~ 2 ^ ' 
R-T 
where H = molar enthalpy of formation of a hydrogen bond as given by 
Equation (12). Equations (3l) and. (32) are used to then differentiate 
the first term in Equation (24) to obtain the expression for the excess 
enthalpy due to chemical interaction 
H •-,/*,) 
^ = -K.H°.{xa.(J°/$1) . — ^ ^ . ( ^ . . O ) . ^ 
+ K-\{w - n£] • £} (33) 
kk 
and is identical to that given by Renon and Prausnitz . The excess 
43 
enthalpy due to physical interactions is obtained by differentiating 
Equation (30) using Equation (3l)> letting 3 be temperature dependent 
^f 'Vv(v T , + vV <3«o 
where 3' = 3 - T(d $/& T). The expression for the excess enthalpy is 
then 
H* = H* + H01 . (35) 
c p w ^ y 
The volume fraction model describes both the temperature and 
composition behavior of an alcohol-hydrocax'bon system once H , K at 
one temperature, 3> ail^L 3' have been specified. 
Mole Fraction Model 
1 o u 
The mole fraction model has been used by other investigators ' 
to describe the excess thermodynamic functions of alcohol-hydrocarbon 
systems. The theoretical development of the model is given "by Haskell 
1R 
et al. . The model takes as its starting point the entropy of mixing 
of an ideal multicomponent system. Based on a disoriented standard 
state, the model is developed further by letting the chemical reac-
tions, which take place in the actual mixing process, be accounted for 
by the different mole fractions of the i-mers in the initial unmixed 
and final mixed states. The model is then simplified by introducing 
the equilibrium constant for the chemical reaction 
i(R-OH) Z (R-OH)i (36) 
44 
which is given "by 
ki • VW* 1 • (37) 
The derivation of Equation (37) is given "by Haskell et al. and involves 
the concept of ideal solutions at equilibrium. Finally the standard 
free energy of reaction is used to put the relationship for the en-
tropy of mixing in the following form 
AS*1 = - ̂  [n Ln(xf/xn
j-) + IL Ln xf] + h(nf-n^)h°/T (38) 
n a 1/ ly h nJ n. 1 i7 r 
1 
where 
f f / f 
X. - Yi./Yi 
x. = n./H n. 
1 1' . 1 
1 
f f / f 
* h = V n • 
M / 
As shown "by Haskell, et al., the first term is AG /T and the second 
term is The derivation requires the use of p.. = i*MH and. the 
definition of the Gibbs free energy of mixing 
AnM _f _i 1 „ f f 1 _ i i /„_N 
AG = G -G = — 2 n. n. 2 n. LA. . (39) 
J J 
The excess Gibbs free energy is defined by 
_E _ A_M /4_MNideal /i^\ 
G - AG - (AG ) . (ko) 
It follows that 
45 
and 
GE = R-T-[x a Ln(x^/x^x a) + x h L n ( x £ / x h ) ] (kl) 
fl33 = - 2 ( n f - n*) -h? . (42) n 
i 
Equation (4l) relates the excess Gi"b"bs free energy to quantities which 
f 
are known or can "be expressed in known quantities. The quantities x 
and x are expressed in terms of known quantities "below. Equation (42) 
has yet to "be expressed in terms of known quantities. 
An overall mass "balance and a mass balance of R-OH molecules 
leads to 
£ 4 + 4 - 1 Ctf) 
i 
i 
The equilibrium constant, K., for the chemical reaction given 
"by Equation (l2) can "be related to the mole fractions x , x. , and 
x. as was done for k.. If one then lets K„ = K. for i = 2. and K„ = K. 
l l 2 I ' 3 i 
for i = ^,k}... then the equilibrium constants can "be shown to "be 
related to each other "by 
k. = K2-(K3)
3-2 . (t5) 
Using Equation (37) then Equation (V?) leads to an expression for the 
mole fraction of an i-mer as 
46 
x^= K2-(K3)
i-2.(x^)i , i * 2 
= x{ , i ' 1 • C*6) 
Equation (46) is used to put the infinite series in Equation (43) and. 
-p 
(44) into closed form with the mathematical stipulation that (K -x ) <1. 
Then Equations (43) and (44) are combined to yield a cubic equation to 
f 
be solved for x , the final monomer mole fraction* 
3 , v 2 a-y3 + b.y + c-y + d = 0 (47) 
where 
a = K -(K - Kg) 
b = - [(K̂  +K2)-xa + 2-(K3 - K2)] 
c = 1 + 2.K -x 
3 a 
d = - x 
a 
f 
y = * 1 • 
The solution of the physically significant root of Equation (47) is 
discussed in more detail in Appendix I. Similar mass and chemical 
balances for the initial unmixed state lead to a quadratic equation 
which can be solved for x.., the initial monomer mole fraction (again 
the mathematical stipulation that (K,,x ) < 1 is present) 
:> l 
i s f^,SQm(f
2 - k.si m 
-L C • g, 
* There is a misprint in references 17 and 18. The coefficient of the 
Y term in Equation (47) should be negative. 
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where 
f = 1 + K3 
Ko - Kp 
Only the negative root is physically" significant. The mole fraction 
-p 
of the solvent, x, , is found "by solving either Equation (̂ 3) or (hk) 
for this quantity. Equation (h-k) (the reason for this choice is given 
in Appendix I) leads to 




All of the quantities in the expression for the excess Gibbs free 
energy, Equation (^l), have now been specified. 
Equation (̂-2) for the excess enthalpy can "be expressed in terms 
of known variables by using l) the definition of the mole fractions x, 
and x. and 2) an expression for h. in terms of H. (h. = (i-2)EL + EL, 
I ' * l l N l v ' 3 2' 
for i ̂  2, and h = H = 0). The quantities h. and H. are enthalpy 
changes for the formation of an i-mer as given by Equations (36) and 
(l2), respectively. For two equilibrium constants and two enthalpies 
of formation (one for dimerization, Kp and EL, and one for the reac-
tion given by Equation (12) for i > 1, K„ and EL) the following form 
for the excess enthalpy is obtained* 
* The equation was also deduced from the computer program given by 
Haskell^ and agreed with the result derived in the present work. 
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H35 = A + B (50) 
where 
A • xa[j " ^ ^ ] (2 H3 - H2) 
^ X X, 
a n 
n n 
T _ a _ 1 
2 n3: 2 i.x^ 
1 . 1 
1 1 
The quantity J is the average i-mer chain length in the pure alcohol. 
In deriving the expression given in Equation (50), the assumption has 
to "be made that the difference "between n (the number of moles of 
monomer in the pure alcohol) and n.. (the number of moles of monomer in 
the final mixture) is negligible. The quantities in Equation (50) are 
known or given by Equations (^6), (kj), and (^8). 
Results and Discussion 
Expressions have "been derived for the excess Gitotos free energy 
and the excess enthalpy from two variations of the associated theory 
of solutions. A detailed method for the determination of the param-
eters is given in Appendix I. A "brief description is given "below. 
The quantities, G and BT_, can "be calculated for the volume 
fraction model from Equations (2k) and (50) respectively once the 
parameters K, H , p, and (3' have "been specified. The H , -7500 
49 
cal./gm. mole and the K's at 50 C suggested by Renon and Prausnitz 
are used for ethanol + n-heptane, 2-propanol + n-heptane, and ethanol + 
methylcyclohexane. Values of K at other temperatures are calculated 
from the van't Hoff relation "with the assumption that H is independent 
of temperature. The residual of the excess property is taken as "being 
due to physical interaction. Therefore, the parameters 3 and 3' are 
derived from the excess Gibbs free energy data and excess enthalpy 
data, respectively, "by a least square procedure. The parameters used 
are given in Table 39, Appendix I. A comparison is made of the quan-
"P "P "P *p 
tities G , G , and G with the derived G values in Table ho and of 
P c' 
the quantities I?, H5, and J^ "with the derived HT values in Table hi. 
Appendix I. The comparisons are made at 213.15, 2^3.15, 273.15, and 
303.15 K for ethanol + n-heptane and ethanol + methylcyclohexane and 
at 183.15, 213.15, 243.15, 273.15, and 303-15 K for 2-propanol + 
n-heptane. 
In an attempt to find an improved correlation of the excess 
property data, three variations of the volume fraction model were 
studied. These variations included 1.) varying H but keeping it tem-
perature independent, 2) varying the equilibrium constant at 50 0, and 
3) making H temperature dependent 
H° = H°(323.15) + A(T - 323.15) • 
The results of these variations are discussed in more detail in 
Appendix I. The first two variations gave worse overall correlations 
of the excess properties. The third variation resulted in a slightly 
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improved correlation, "but did not warrant the addition of a new 
adjustable parameter. 
The volume fractions are calculated on the assumption that 
the volume of mixing is negligible. The density data that are used 
are those of the API for n-heptane from 120 to -6o°C (10 degree 
intervals) and for methylcyclohexane from 100 to -130 C (10 degree 
intervals), those of Korber for ethanol from 193 to 293 K (gave 
smoothed fit for interpolation purposes), and those of Costello and 
Bowden from 80 to -60 C (below -60 G linear extrapolation was used 
graphically; they gave data at 20 degree intervals so linear inter-
polation was used). 
The quantities G and ET can be calculated for the mole frac-
tion model from Equations (4l) and (50) respectively once the param-
eters Kp, K , Hp, and H have been specified. The parameters given 
-1 o 
by Haskell et al. for the ethanol + n-heptane system at 288.15 K 
are used. Values of Kp, K_, Hp, and H^ at other temperatures are 
calculated using the van't Hoff relation. The parameters used for 
ethanol + n-heptane are given in Table 42, Appendix I. A comparison 
E 
is made of the G calculated from the mole fraction model to the 
derived G in Table 43, Appendix I. A comparison is made of Ii cal-
culated from the mole fraction model to the derived EL in Table 44, 
Appendix I. The comparisons are made at 213.15, 243.15, 273.15> a n d 
303.15 K for ethanol + n-heptane. It would have been interesting to 
test this model to the other two alcohol systems but time did not 
permit determination of the parameters. 
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The correlation of the excess property data with the tvo varia-
tions of the associated theory of solutions is discussed in Appendix I. 
The results of the theoretical analysis of the excess properties are 
illustrated in Figure 6 thru 9 f°r ethanol + n-heptane from 213.15 to 
303.15 K. In these figures the solid curves G and a are the proper-
ties derived from excess heat capacities and are given in Appendix C. 
An attempt vas made to determine sets of parameters which sat-
isfied the following criteria 
1. The van't Hoff relation 
2. The derived excess Gibbs free energy data 
3. The derived excess enthalpy data. 
The first criterion is met, since it is an imposed condition, How 
well the other criteria are satisfied may be judged from Figures 6 
thru 9« At higher temperatures "both models give a fairly good repre-
sentation of the data. However, at lower temperatures when the physi-
cal interactions "become more important the volume fraction model 
represents the data more satisfactorily. This suggests an important 
possible modification of the mole fraction model, namely, the inclu-
sion of a physical interaction term. The alteration of the model to 
include physical interactions would require a decrease of the effect 
attributed to the breaking of hydrogen bonds or a strong temperature 
dependence for the physical interaction effect. 
61 
In a spectroscopic study made by Van Ness, et al. evidence 
is found for the existence of an enthalpy other than that due to the 
breaking of hydrogen bonds. They deduced that this contribution 
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Figure 8. Excess Properties of Ethanol + n-Heptane at 243.15 K 
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Figure 9. Excess Proper t i es of Ethanol + n-Heptane a t 213.15 K 
Compared with Theore t i ca l C a l c u l a t i o n s . Ul Ul 
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increased with increasing temperature. In th[e present results this 
enthalpy contribution is attributed to van der Waal type interactions 
and increases with decreasing temperature. Zpn a systematic calorim-
32 
etric study made "by Lunberg , the heats of mixing were determined for 
a large number of systems in which physical interactions are prominent. 
His results are that all of the heats of mixing of the systems in-
creased with decreasing temperature. 
Figures 6 thru 9 suggest the heat effect arising from the 
breaking of hydrogen bonds decreases with temperature and is negligible 
at lower temperatures. This is the conclusion drawn in the qualitative 
21 
discussion in Chapter IV. Hwa reached this same conclusion but 
attributed this decrease to the decrease of the enthalpy of formation 
of a hydrogen bond, H . In contrast the preslent author attributes 
this decrease to an increase in the equilibrium constant, which sug-
gests that higher, order i-mers are favored at lower temperatures. 
Indeed calculations show that the average i-rrler chain length increases 
with decreasing temperature as shown for ethajnol + n-heptane in Table k. 
Each model gives a consistent interpretation of the major inter-
action occurring at higher temperatures. The| volume fraction model 
correlates the G and H data, within the bounds of the previously 
mentioned criteria and with fewer parameters. 
model with one equilibrium constant does not 
assymmetry of the excess enthalpy or excess ejntropy except with the 
addition of a second equilbrium constant or the introduction of a 
physical interaction term. Therefore for the sake of mathematical 
In fact a mole fraction 
predict the observed 
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simplicity without the loss of a reasonable interpretation of the 
experimental data, the volume fraction model is recommended. 
Table k. Average Chain Length for Etljanol + n-Heptane 
Solutions From the Volume Fraction Model.* 
Temperature > K 
303.15 273.15 21+3.15 213.15 
X 
a 






o.1023 4.28 52.70 
0.2805 7 . H 13.61 31.29 92 .31 
O.I+388 9.28 17.91 1+1.1+0 122.1+7 
0 . 6 l k ) 11.71 22. 7I+ 52.73 156.26 
0.8107 1^.79 28.81+ 67.03 198.86 
1.0000 18.1+7 36 .21 83.96 2I+9.38 





CONCLUSIONS AND RECOMMENDATIONS 
Summary of Results 
The work which has been completed can be summarized as follows: 
1. The heat capacity of ethanol, 2-propanol, and n-heptane has 
been measured from 159 "to 306 K, 185 to 30^ K, and l82 to 302 K, respec-
tively. The melting points of pure ethanol, 2-propanol, and n-heptane 
have been measured to be 158.991 K, 185.232 K, and 182.562 K. The purity 
of the components have been determined from the melting point experi-
ments. The heat capacity of ethanol + n-heptane has been measured from 
215 to 305 K at mole fractions of ethanol of 0.1023, 0.2805, 0.^388, 
0.61̂ -0, and 0.8107. The heat capacity of 2-propanol + n-heptane has been 
measured from 187 to 305 K at mole fractions of 2-propanol of O.O809, 
0.2^92, 0.^219, 0.5993, and 0.79^. 
2. The heat capacity measurements have been used to calculate 
the excess heat capacity. From the excess heat capacity and from exper-
imental data for BT and G at 303.15 K taken fijom the literature, the 
JE E rJZ M I 
properties K, G 9 ST, and AG have been derivdd at five degree inter-
vals from 183 to 3l8 K for ethanol + n-heptane and from 163 to 3l8 K 
for 2-propanol + n-heptane. The excess Gibts free energy data for both 
systems are correlated empirically using the Redlich-Kister equation, 
a modified form of the Redlich-Kister equation, and the Wilson equation. 
E 
The G data are also correlated by the semi-empirical Wiehe-Bagley 
59 
equation. Each of these correlations are used to calculate the activity-
coefficients at 0.1 mole fraction intervals for ethanol + n-heptane at 
303.15, 273.15, 143.15, and 213.15 K and for 2-propanol + n-heptane at 
303.15, 273.15, 2^3.15, 213.15, and 183.15 K. Excess enthalpy data were 
extracted.from the Wiehe-Bagley equation for the two systems at the same 
temperatures. 
3. A volume fraction associated theory model, as developed "by 
44 E JE 
Renon and Prausnitz , was used to correlate the G and ET data of 
ethanol + n-heptane and ethanol + methylcyclohexane at 213.15, 243.15, 
273.15, and 303.15 K and of 2-propanol + n-heptane at 183.15, 213.15, 
243.15> 273.15> and 303.15 K. The parameters used in this treatment 
include an enthalpy of formation of a hydrogen bond, H , the physical 
interaction parameters, 3 and 3 , and an equilibrium constant for the 
formation of an i+l-mer from an i-mer, K. 
4. A mole fraction associated theory model, as developed by 
18 E JE 
Haskell et al. , was used to correlate the G and If data of ethanol + 
n-heptane at 213.15, 243.15, 273.15, and 303.15 K. The parameters used 
in this treatment include Hp and H , which are enthalpies of formation 
of a hydrogen bond in the dimerization and i-merization reactions respec-
tively. Two equilibrium constants, Kp and K_, are for the same two 
reactions respectively. 
Conclusions 
From the experimental measurements the following conclusions are 
made: 
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1) The calorimetric determinations of purity and melting point 
of ethanol, 2-propanol, and n-heptane, indicate that the present measure-
ments are consistent with other laboratories making precision measure-
ments on the International Practical Temperature Scale. 
2) The heat capacity data for the pure components, which are 
accurate to 0.2 per cent, agree with measurements made by other inves-
tigators. The excess heat capacity data of the binary mixtures are 
accurate to 0.15 to 0.07 Joule/gm. mole from pure n-heptane to pure 
alcohol respectively. The excess heat capacity for ethanol + n-heptane 
agree with other measurements near room temperature. The excess heat 
capacity for 2-propanol + n-heptane have not been measured before. 
From the derived excess thermodynamic properties of IF, G , and 
•p 
S the following conclusions are made: 
1) The excess thermodynamic property data for ethanol + n-
heptane and 2-propanol + n-heptane are the best available below 303.15 K. 
The derived excess enthalpy has an uncertainty of h to 12 Joules/gm. 
mole at 303.15 K increasing to 17 to 2.6 Joules/gm. mole at 183.15 K. 
The derived excess Gibbs free energy has an uncertainty of 2 to 7 
Joules/gm. mole at 303.15 K increasing to 6 to 13 Joules/gm. mole at 
183.15 K. The derived excess entropy has an uncertainty of 0.02 to 
0.06 Joule/gm. mole-K at 303-15 increasing to 0.08 to 0.l6 Joule/gm. 
mole-K at 183.15 K. 
2) The temperature dependence of the excess enthalpy and excess 
entropy suggests that the number of hydrogen bonds broken decreases 
with decreasing temperature. At lower temperatures the excess enthalpy 
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and excess entropy are almost independent of temperature. This is 
interpreted as meaning that the contribution due to the breaking of the 
hydrogen bonds decreases at such a rate as to cancel the increase of the 
contribution due to van der Waals interactions. 
3) The excess Gibbs free energy data can be correlated empiri-
cally within their uncertainty by the Redlich-Kister equation, a modified 
form of the Redlich-Kister equation, and the Wilson equation. These 
data can also be correlated with the semi-empirical Wiehe-Bagley equa-
tion. The excess enthalpy predicted from the Wiehe-Bagley equation 
represents the qualitative behavior of the alcohol-hydrocarbon systems. 
From the theoretical analysis of the derived excess thermodynamic 
properties the following conclusions are made: 
1) From the derived excess Gibbs free energy and excess enthalpy 
data the parameters of two variations of the associated theory of solu-
tions (the volume fraction and mole fraction models) were determined. 
The equilibrium constants were constrained to obey the van't Hoff rela-
tion. The physical interaction parameter was determined by a least square 
procedure. 
2) The volume fraction model is only able to correlate both the 
excess Gibbs free energy and excess enthalpy data as well as it does by 
making the excess enthalpy due to physical interactions be temperature 
dependent. The resulting volume fraction model gives a better correla-
tion of the Cx and KT data than does the mole fraction model. 
3) The mole fraction model, which only considers chemical inter-
actions due to the breaking of hydrogen bonds, correlates the data less 
62 
satisfactorily at lower temperatures where this contribution to the . 
excess enthalpy is small. 
k) Both models predict that the contribution to the excess 
enthalpy due to the breaking of the hydrogen bonds decreases with de-
creasing temperature. The decrease of the chemical effect is due to 
the decrease of the number of hydrogen bonds broken, not the radical 
decrease of the enthalpy of formation of a hydrogen bond. The present 
results indicate that a second type interaction is present. This inter-
action which is attributed to van der Waals type, increases slightly as 
the temperature decreases. 
Recommendations for Future Work 
1) The volume fraction model should, be pursued further since it 
gives reasonable conclusions yet keeps its mathematical simplicity by 
introducing as few adjustable parameters as possible. 
2) The mole fraction model should be extended to other alcohol-
hydrocarbon systems to see if the same conclusions are reached for systems 
in which the molar volume ratio is different. 
3) The mole fraction model be modified to incorporate a physical 
interaction term. An investigation of the one equilibrium constant mole 




NUMERICAL CONSTANTS AND CONVERSIONS USED IN CALCULATIONS 
Temperature Scale 
All temperature measurements were ma.de with a platinum 
resistance thermometer. The thermometer ha.s been calibrated on the 
International Practical Temperature Scale of 19^8 by the U.S. National 
Bureau of Standards. All interconversions of temperature to the Kelvin 
scale were made using the relation 
T(K) = t(°C) + 273.15 
and are referred to as IPKS-5^. Conversion from, the IPTS of ±9k8 to the 
IPTS of 1968 has been made by fitting the difference between the scales 
to a tenth degree polynominal of the form 
10 
"̂ 8 " "̂ 8 m 'L Pi ̂ 8 * 
1=0 
The coefficients of the polynomial are given in Table 5. The fit was 
made from a temperature of -l80 to 100 C. The fit agreed with the 
differences given by the U.S. National Bureau of Standards with an 
average deviation of 0.2 millidegrees and a maximum deviation of 0.5 
millidegrees. 
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Table 5« Coefficients of the Temperature Difference Between 
the International Practical Temperature Scale of 
1968 (lPTS-68) and the International Practical Tem-




po p6 4.06683898 (-Ik) 
p l -4.91955928 (-04) P7 5.11588793 (-16) 
P2 5.18664917 (-06) P8 7.97726901 (-20) 
P
3 
4.6lll46l5 (-08) PQ -2.58971781 (-20) 
P4 -7.33468174 (-10) P10 .9.274995^3 (-23) 
P5 
-3.33127229 (-12) 
* Numbers in parenthesis indicate multiplication "by 10 raised to this 
power. 
Molecular Weights 
The molecular weights of the constituents used in this work were 
calculated on the "basis of the 1961 Table of International Atomic 
£>£> 
Weights. The atomic weights of carbon, hydrogen, and oxygen are 
Carbon 12.01115 ± 0.00005 
Hydrogen 1.00797 + 0.00001 
Oxygen 15-9994 + 0.0001 . 
The molecular weights calculated for ethanol, 2-propanoic n-heptane, 
and methylcyclohexane are 
Ethanol 46.06952 + 0.00026 
2-Propanol 60.09661 + 0.00033 
n-Heptane 100.20557 ± 0.00051 
Methylcyclohexane 98.18963 + 0.00049 
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Energy Conversion 
Energy measurements were made on the absolute scale. Inter-
conversion of energy from the defined calorie to the absolute joule 
were made using the relation 
k.lQk Absolute Joules = 1 Defined Calorie . 
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APPENDIX B 
HEAT CAPACITY DATA* 
Table 6. Heat Capacity of n-Heptane 
(Sample weight in vacuo = 10^.5^1 gms.) 
Initial Temp. Mean Temp. Heat Capacity 
K K Joules/gm. mole-K 
Series 2 
18^.220 187.228 201.96 
190.236 193.^16 201.30 
196.597 199.609 201.11 
202.622 205A20 201.27 
208.217 211.0^9 201.6^ 
Series 3 
198.198 200.938 200.72 
203.677 206.8l5 201.06 
209.953 213.230 201.67 
216.506 219.722 202.^8 
222.938 225.813 203.^5 
228.688 231.511 20^.^0 
23U.33U 237.176 205.63 
2^0.018 2^3.00^ 207.08 
2^5.991 2^8.710 208.50 
251.^28 25^.^8^ 210.12 
257.5^1 260.725 211.90 
263.909 266.882 213.68 
269.855 272.671 ' 215.73 
275.^87 277.628 217.10 
(Continued) 
*A11 temperatures are on IPTS-68. Series is defined as a range of 
temperature measured consecutively. 
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Table 6. Heat Capacity of n-Heptane (Continued). 
Initial Temp. Mean Temp. Heat Capacity-
K K Joule s/gm. mole-K 
Series 1 
273-748 275.669 216.61 
277.589 279.661 217.93 
281.733 283.716 219.47 
285.699 287.673 220.80 
289.646 291.395 222.27 
293.1^5 295.399 223.82 




273.518 275.381 216.30 
277.244 279.743 217.91 
282.241 284.723 219.48 
296.732 296.732 224.68 
301.785 304.562 226.88 
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Table 7. Heat Capacity of 2-Propanol 






Mean Tê mp. Heat Capacity 






195.857 198.496 111.10 
201.136 204.199 112.24 
207.262 209.854 113.41 
212.446 215.191 114.71 
217.936 220.503 116.09 
223.070 225.567 117.48 
228.064 230.560 118.96 
231.859 234.335 120.22 
236.8IO 239.365 121.95 
241.920 244.488 123.91 
247.056 249.588 125.93 
252.122 254.674 128.13 
257.226 259.785 130.53 
262.344 264.969 133.15 
267.595 270.384 136.21 
273.173 275.591 139.18 
Series 2 
273.260 275.355 138.79 
277.450 279.544 141.53 
281.639 283.857 144.41 
286.076 288.597 147.62 
291.118 293.719 151.30 
296.320 298.948 155.48 
301.577 303.819 159.31 
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Table 8. Heat Capacity .of Ethanol 
(Sample weight in vacuo = 121,,608 gms.) 
Initial Temp. Mean Temp. Heat Capacity 
K K Joule s/gm. mole-K 
Series 1 
160.357 162.361 87.60 
Series 
159.^00 161.706 87.60 
164.012 166.446 87.78 
168.880 171.324 87.95 
173.768 176.176 88.13 
178.585 180.998 88.38 
183.412 185.818 88.67 
188.224 190.668 89.06 
193.114 195.486 89.48 
197.858 200.226 89.87 
Series 3 
197.640 200.003 89.91 
202.366 204.757 90.39 
207.148 209.560 90.91 
211.972 214.409 91.53 
216.846 219.264 92.16 
221.683 224.142 92.90 
226.602 229.150 93.66 
231.697 234.105 94.48 
236.512 238.948 95.34 
238.655 24i.o8o 95.79 
243.504 245.973 96.80 
248.442 250.943 97.90 
253.444 255.962 98.97 
258.480 261.005 100.21 
263.530 266.101 101.50 
268.673 271.205 102.89 
273.736 276.220 104.31 
(Continued) 
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Table 8. Heat Capacity of Ethanol (Continued) 
Initial Temp. Mean Temp. Heat Capacity 
K K Joule s/gm. mole-K 
Series 4 
273.583 276.056 io4.44 
278.529 280.985 106.03 
283.442 285.925 IO7.67 
288.408 290.889 109.38 
293.370 295.858 111.27 
298.347 300.845 113.22 
303.343 305.888 115.36 
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Table 9- Heat Capacity of 2-Propanol + n-Heptane 
x - 0.0809 
cL 
(Sample weight in vacuo = 103.210 gms.) 
Initial Temp. Mean Temp. Heat Capacity Excess Heat Capacity 
K K Joules/gm. mole-K 
Series 3 
Joules/gm. mole-K 
187.936 190.264 194.62 0.49 
192.592 195.021 194.51 0.70 
197.^50 199.923 194.58 
Series 4 
O.83 
195.272 197.712 194.45 0.70 
200.152 202.656 194.68 0.88 
205.l6l 207.690 195.06 0.97 
210.219 212.772 195.75 1.18 
215.326 217.863 196.59 1.38 
220.^00 222.913 197.65 1.66 
225.427 227.947 198.71 1.81 
230.467 232.704 200.06 2.19 
234.941 237.424 201.40 2.48 
239.907 242.321 203.07 
Series 2 
2.97 
242.162 244.503 203.78 3.12 
246.845 249.298 205.51 3.58 
251.752 254.246 207.62 4.29 
256.741 259.263 209.60 4.76 
261.786 264.318 211.97 5.54 
266.850 269.398 214.34 6.23 
271.946 274.526 217.02 
Series 1 
7.12 
273.197 275.477 217.36 7.12 
*277-758 280.248 219.73 7-75 
282.739 285.235 222.56 8.70 
287.731 290.249 225.34 9.52 
*Data used in sample calculation. (Continued) 
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Ta"ble 9- Heat Capacity of 2-Propanol + n-Heptane (Continued) 
Initial Temp. Mean Temp. Heat Capacity Excess Heat Capacity 
K K Joules/gm. mole-K Joules/gm. mole-K 
292.766 295.312 228.17 10.33 
297.858 300.^07 231.12 11.18 
302.956 305.^79 23J+.02 11-99 
(Continued) 
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Table 9. Heat Capacity of 2-Propanol + n-Heptane (Continued) 
x B 0.2492 
a 































































































Table 9. Heat Capacity of 2-Propanol + n-Heptane (Continued) 
Initial Temp. Mean Temp. Heat Capac: i.ty Excess Heat Capacity 
K K Joules/gm. mole-K 
Series 1 
Joule s/gm. mole-K 
273.324 275-5^6 206.37 9.13 
277.768 280.239 209.20 10.03 
282.710 285.192 212.31 11.02 
287.673 290.167 215.63 12.12 
292.662 295.108 219.09 13.30 
297.555 299.932 222.58 ik.kd 
302.309 30^.67^ 225.94 15.53 
(Continued) 
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Table 9. Heat Capacity of 2-Propanol + n-Heptane (Continued) 
x = 0.4219 
a 
(Sample weight in vacuo =» 105.970 gnis.) 
Initial Temp. Mean Temp. Heat Capacity Excess Heat Capacity 
K K Joules/gm. mole-K 
Series 2 
Joules/gm. mole-K 
188. 448 190.820 162.74 -0.07 
193.193 195.605 163.23 0.31 
198.017 200.528 163.89 
Series 3 
O.65 
195-534 197.863 163.54 0.49 
200.192 202.682 164.29 0.86 
205.171 207.588 165.23 1.25 
210.004 212.381 166.27 1.61 
21U.758 217.25U 167.51 2.03 
219.750 222.244 168.93 2.48 
22U.739 227.119 170.39 2.89 
229.260 231.724 171.95 3.34 
23^.189 236.599 174.00 4.11 
239.009 241.430 176.02 4.77 
2^3.850 246.333 178.12 5.38 
248.065 250.577 180.01 5.90 
253.089 255.633 182.67 6.81 
258.I76 260.644 185.39 7.69 
263.112 265.570 188.05 8.43 
268.029 270.490 191.27 9.6l 
272.951 275.312 194.34 
Series 1 
10.58 
273.297 275.299 194.14 10.39 
277.300 279.461 196.88 H.23 
281.622 284.028 200.13 12.30 
286.U35 288.953 203.60 13.32 
291.U72 294.000 207.36 14.44 
296.528 298.956 211.08 15.47 
301.384 303.833 214.91 16.55 
(Continued) 
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Tahle 9. Heat Capacity of 2-Propanol + n-Heptane (Continued) 
xQ = 0.5993 
ct 
(Sample weight in vacuo • 111.453 gms.) 
I n i t i a l Temp. Mean Temp. Heat Capacity 
K K Joules /gm. mole-
Se r i e s 3 
•K 
188.374 190.696 145.66 
193.018 195.518 146.38 
198.019 200.486 147.18 
Se r i e s 4 
195.652 198.096 146.81 
200.54o 203.037 147.74 
205.535 208.097 148.78 
210.659 213.257 150.02 
215.854 218.486 151.42 
221.119 223.803 153.01 
226.488 229.136 154.84 
231.783 234.420 156.81 
236.266 238.861 158.70 
241.457 244.014 161.00 
246.571 249.062 163.35 
251.552 253.998 165.94 
256.443 258.394 168.23 
Se r i e s 2 
257.634 259.944 169.16 
262.252 264.769 172.08 
267.286 269.825 175.32 
272.364 274.866 178.81 
Se r i e s 1 
273.192 275.300 178.93 
277.409 279.834 182.12 
282.258 284.687 185.82 
287.116 289.601 189.58 
292.086 294.580 19^.55 
297.074 299.566 197.57 
302.059 304.574 201.96 































Table 9- Heat Capacity of 2-Propanol + n-Heptane (Continued) 
x = 0.7984 
a 
(Sample weight in vacuo • 113.777 gms.) 
Initial Temp. Mean Temp. Heat Capacity 
K K Joules/gm. mole-
Series 2 
K 
188.460 190.772 127.10 
193.084 195•^67 127.87 
197.850 200.263 12.8.83 
Series 3 
195.^00 197.851 128.41 
200.302 202.738 .129.41 
205.175 207.600 130.47 
210.025 212.455 131.54 
214.885 217.302 132,86 
219.720 222.126 134.25 
224.532 226.978 135.79 
229.424 231.927 137 M 
234.431 236.928 139.3^ 
239.424 241.827 141.42 
Series 1 
241.701 244.068 142.15 
246.435 248.876 144.50 
251.318 253.75^ 146.96 
256.190 258.672 149.50 
261.154 263.693 152.39 
266.231 268.782 155.49 
271.333 273.973 158.95 
Series 4 
273.203 275.135 159.59 
277.067 279.508 162.69 
281.949 284.394 166.25 
286.838 289.280 170.05 
291.721 294.178 174.09 
296.635 299.l4o 178.29 
301.645 304.180 182.81 
Excess Heat Capaci ty 





























Table 10. Heat Capacity of Ethancl + n-Heptane 
x = 0.1023 
a 
(Sample weight in vacuo • 105.337 gms.) 
Initial Temp. Mean Temp. Heat Capacity Excess Heat Capacity 
K K Joules/gm. mole-K 
Series 2 
Joules/gm. mole-K 
202.786 205.180 190.29 0.52 
207-574 210.001 190.72 O.63 
212.427 214.922 191.46 O.87 
217.1+17 219.911 192.25 1.02 
222.405 225.222 193.33 1.26 
228.039 230.754 194.61 
Series 1 
1.54 
233.344 235.806 196.04 1.95 
238.269 240.736 197.^5 2.28 
243.202 245.692 198.99 2.64 
248.182 250.669 200.66 3.05 
253.156 255.66^ 202.54 3.59 
258.174 260.679 204.64 4.25 
263.185 265.694 206.72 4.84 
268.203 270,701 209.19 5.73 
273.199 275.698 211.40 
Series 3 
6.31 
273.251 275.738 211.30 6.20 
278.224 280.727 213.76 6.95 
283.229 285.755 216.37 7.80 
288.281 290.807 219.18 8.77 
293.333 295.872 221.95 9.66 
298.411 300.950 224.94 10.73 
303.490 306.018 227.92 11.78 
(Continued) 
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Table 10. Heat Capacity of Ethanol + n-Heptane (Continued) 
« = 0.2805 a 
(Sample weight in vacuo = 106.728 gms .) 
Initial Temp Mean Temp. Heat Capacity Excess Heat Capacity 
K K Joules/gm. mole-K 
Series 3 
Joules/gm. mole-K 
218.856 221.353 173.03 1.23 
223.850 226.33^ 173.97 1.37 
228.817 231.291 175.12 1.63 
233.76^ 236.210 176.51 
Series 2 
2.04 
238.024 240.532 177.76 2.37 
243.o4o 245.551 179.29 2.75 
24-8.062 250.565 18I.O8 3.30 
253.068 255.569 182.99 3.91 
258.070 260.568 185.10 4.64 
263.067 265.550 187.31 5.4o 
268.034 270.519 I89.67 6.25 
273.005 275.468 192.08 
Series 1 
7-07 
274.148 276.382 192.36 7.05 
278.615 281.082 194.91 8.02 
283.550 286.018 197.65 9.03 
288.486 290.959 200.60 10.19 
293.^33 295.893 203•60 11.36 
298.35^ 300.808 206.75 12.63 
303.262 305.722 210.09 14.05 
(Continued) 
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Table 10. Heat Capacity of Ethanol + n-Heptane (Continued) 
x =0.^388 a 
(Sample weight in vacuo • 106.U15 gins.) 
Initial Temp. Mean Temp. Heat Capacity 
K K Joules/gm. mole-K 
Series 3 
216.3^ 218.7^6 l$k.8k 
221. 1U8 223.589 155.76 
226. 031 228.503 156.72 
230 117 232.587 157.73 
235 056 237.569 159.10 
2U0. 082 2U2.58U 160.6k 
2U5.O86 2U7.57U 162.11 
Series 2 
2U8 127 250.600 l63.lh 
253. 073 255.625 16U.95 
258 177 260.689 166.91 
263. 115 265.627 169.IO 
268. 139 270.6kl 171.^3 
273. ikk 275.636 173.77 
Series 1 
273. 200 275.681 173.68 
278.163 280.673 176.kl 
283. 18U 285.692 179.02 
288. 200 290.717 181.96 
293.23^ 295.756 185.ok 
298.272 300.786 188.23 
303. 299 305.822 191.7^ 























Table 10. Heat Capacity of Ethanol + n-Heptane (Continued) 
x « 0.6l4o a 
(Sample weight in vacuo * 109-364 gms.) 
Initial Temp. Mean Temp. Heat Capacity Excess Heat Capacity 
K K Joules/gm. mcle-K 
Series 2 
Joules/gm. mole-K 
211.670 21^.056 134.36 0.32 
2l6.44l 218.856 135.08 0.42 
221.271 223.781 135.89 0.50 
226.290 228.781 136.88 O.67 
231.271 233.750 138.06 O.96 
236.228 238.799 139.31 1.23 
238.864 241.320 i4o.o6 1.46 
243.777 246.204 i4i.4o 1.74 
248.630 251.075 l43.07 2.28 
253.520 255.916 144.55 2.56 
258.313 260.738 146.24 2.99 
263.150 265.581 148.06 3.47 
268.012 270.462 150.15 4.13 
272.911 275-374 152.31 
Series 1 
4.78 
273.215 275.644 152.33 4.72 
278.072 280.527 154.68 5.48 
282.981 285.^31 157.20 6.33 
287.881 290.342 159.76 7.14 
292.803 295.277 162.52 8.06 
297.751 300.231 165.56 9.17 
302.710 305.186 168.72 10.32 
(Continued) 
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Table 10. Heat Capacity of Ethanol + n-Heptane (Continued) 
x s 0.8107 a 
(Sample weight in vacuo » 113.363 gms.) 
I n i t i a l Temp. Mean Temp. Heat Capaci ty 
K K Joules/gm. mole-
S e r i e s 2 
•K 
195-.029 197.252 110. ,18 
199-.474 201.887 110. • 5 9 
204. .300 206.730 111. ,12 
209-.161 211.608 111. ,68 
2 l4 . .055 216.552 112. ,42 
219. ,048 221.540 113. ,18 
224. .033 226.518 114. .03 
229.002 231.506 115. , 01 
234.009 236.472 116. .07 
238.539 240.978 117. ,20 
243. ,4i8 245.876 '118.45 
248.334 250.819 119. • 75 
253. • 3 0 5 255.785 121. , l 4 
258.265 260.732 122. • 6 9 
263. ,200 265.645 124. • 3 2 
268. ,090 270.5^0 126. , 11 
272. .990 275.427 127.96 
Se r i e s 1 
273. ,242 275.609 127.82 
277.975 280.385 129. 79 
282. .795 285.205 131.91 
287.614 290.031 13^. 05 
292.447 294.877 136. 5 1 
297.307 299.73^ 139. 17 
302. 162 304.588 141.69 



























Table 11. Heat Capacity Data in Polynomial Form 
The polynomial 
Y = A. + An T + A0 T
2 + • • • + A Tn 0 1 2 n 
F 
where Y = C (pure components) or C' (mixtures) in Joules/mole and T is 




















4 .560172l8( -03) 



































0.058 0.068 0.070 




Table 11. Heat Capacity Data in. Polynomial Form (Continued) 






i . o 8 i H 3 4 7 ( - o 4 ) 








Devia t ion 
0.05^. 0.054 







l . 8 7 l 8 6 8 l 6 ( - 0 5 ) 





- 1 . 1 2 5 1 0 5 2 4 ( - O 4 ) 









0.072 0.059 O.O63 
(Continued.) 
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Tatde 11. Heat Capacity Data in Polynomial Form (Continued) 
Ethanol(l) + n-Heptane(2) 
x 0.6l4o 0.8107 
A 3.28^53065(02) 1.46300110(02) 
A 1 -5.15703732 .2.43726649 
A2 3.04534594(-02) l.5l70006o(-02) 
A3 -8.09492l03(-05) -4.23659537(-05) 





Table 12. Heat Capacity Data of Pure Components in Polynomial Form 
on the TPKS-^k 
The polynomial 
C = A^ + An T + A0 T + p 0 1 2 
+ A T 
n 
,n 
was used to represent the experimental hea.t capacity on the IPKS-5̂ -. 


























0.01^ 0.0̂ 6 
^Numbers in parenthesis indicate multiplication by 10 raised to this 
power. 
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Table 13. Comparison of the Heat Capa.city of 2-Propanol 
T,IPKS-54 A* B** A - B 
K ca l . /gm. mole-K ca l . /gm. mole-K ca l . / gm. mole-K 
188.32 26.156 26.108 0.048 
191.18 26.264 26.304 -0.040 
192.50 26.315 26.356 -0 .041 
196.28 26.469 26.1-87 -0 .018 
197.13 26.505 26.529 -0.024 
201.27 26.688 26.733 -0.045 
202.03 26.723 26.754 -0 .031 
206.29 26.927 26.954 -0 .027 
207.06 26.966 27.055 -0.089 
212.23 27.238 27.300 -0.062 
216.20 27.465 27.487 -0.022 
216.93 27.508 27.510 -0.002 
221.18 27.771 27.809 -0 .038 
220.01 27.825 27.846 -0 .021 
226.22 28.108 28.1-99 -0 .091 
227.04 28.165 28.189 -0 .024 
231.21 28. 470 28.506 -O.O36 
231.99 28.529 28.538 -0.009 
236 . l 4 28.857 28.904 -0 .047 
237.06 28.933 28.938 -0.005 
242.23 29.379 29.375 0.004 
247.34 29.857 29.8^2 0.015 
251.26 30.248 30.2^3 0.005 
252.39 30.365 30.344 0.021 
256.27 30.782 30.782 0.000 
257.37 30.905 30.871 0.034 
261.07 31.332 31.352 -0 .020 
262.30 31A78 31.468 0.010 
265.96 31.930 31.909 0 .021 
267.17 32.084 32.062 0.022 
270.78 32.560 32.585 -0.025 
271.98 32.723 32.627 0.096 
275.35 33.196 33.171 0.025 
276.81 33A07 33.453 -0.045 
280.06 33.892 33.855 0.037 
281.80 3^.160 34.180 -0.020 
•* Heat capacity calculated from the polynomial given in Table 12, 
Appendix B. 
•*•* Experimental heat capacity data measured by Andon, et al. 
(Continued) 
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TalDle 13. Comparison of the Heat Capacity of 2-Propanol (Continued) 
T,IPKS-5^ A* B** A - B 
K ca l . /gm. mole-K ca l . /gnu mole-K ca l . / gm. mole-K 
28^.70 3^.619 3^.607 0.012 
286.86 3^.972 3^.990 -0 .018 
289.28 35-379 35.370 0.009 
290.32 35.558 35-559 -0 .001 
293.80 36.171 36.1.81 -0 .010 
295.38 36A59 36.552 -0.093 
298.23 36.990 36.950 0.0^2 
299.20 37.175 37.096 0.079 
299.96 37.322 37.253 O.O69 
302.57 37.83^ 37.872 -O.O38 
303.^6 38.012 37.968 O.OMJ-
30^.27 38.176 3 8 . H l O.065 
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Table l4. Comparison of the Heat Capacity of Ethanol 
T,IPKS-54 A* B** A - B 
K cal./gm. mole-K cal./gm. mole-K cal./gm. mole-K 
165.311 20.987 21.016 -0.029 
168.537 21.010 21.039 -0.029 
171.848 21.038 21.072 -0.034 
175. o4o 21.070 21.104 -0.034 
179.857 21.127 21.160 -0.033 
183.109 21.172 21.206 -0.034 
186.365 21.222 21.257 -0.035 
189.624 21.277 21.309 -0.032 
192.808 21.336 21.372 -0.036 
195.969 21.399 21.434 -0.035 
20^.932 21.605 21.636 -0.031 
208.063 21.687 21.712 -0.025 
211.181 21.773 21.792 -0.019 
214.358 21.866 21.889 -0.023 
217.496 21.963 21.985 -0.022 
220.589 22.064 22.080 -0.016 
228.576 22.351 22.367 -0.016 
231.808 22.477 22.510 -0.033 
235.051 22.610 22.636 -0.026 
238.290 22.750 22.783 -0.033 
241.590 22.899 22.935 -0.036 
244.738 23.048 23.075 -0.027 
247.756 23.197 23.232 -0.035 
250.890 23.359 23.390 -0.031 
253.977 23.525 23.564 -0.039 
257.007 23.695 23.730 -0.035 
260.063 23.874 23.908 -0.034 
263.361 24.075 24.113 -0.038 
266.963 24.305 24.341 -0.036 
270.623 24.549 24.604 -0.055 
274.272 24.805 24.867 -0.062 
277.116 25.012 25.049 -0.037 
280.557 25.273 25.326 -0.053 
284.026 25.548 25.601 -0.053 
287.363 25.824 25.873 -0.049 
290.722 26.113 26.174 -0.06l 
294.075 26.413 26.462 -0.049 
* Heat capacity calculated from the polynomial given in Table 12, 
Appendix B. 
21 
*"* Experimental heat capacity data measured "by Hwa. 
(Continued) 
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Table Ik. Comparison of the Heat Capacity of Ethanol (Continued) 
T,IPKS-5^ A* B** A - B 
K cal./gm. mole-K cal./gm. mole-K cal./gm. mole-K 
297.359 26.719 26.782 -O.063 
297.1^8 26.699 26.752 -0.053 
301.087 26.082 27.1^5 -O.063 
30^.20^ 27.398 27.^73 -0.075 
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Ta"ble 15. Comparisons of Heat Capacity Data of n-Heptane to the 
Selected Values of the U. S. Bureau of Mines.#• 
Deviations. C (exp.) - C , (sel.) 
saL Sc>x 
?,IPKS-54 BM BM BM BM BM EBS NBS Brown 
K 19^7 1949 1951A 195 IB 1954 1947 1954 
0.03 
1969 
182.55 0.01 0.04 0.01 0.01 -0.02 0.01 
185 0.02 0.03 0.00 0.01 -0.01 - -0.01 -0.03 
190 0.04 0.01 0.00 0.00 0.01 - -0.02 -0.07 
195 0.03 0.00 -0.01 0.00 0.01 - -0.03 -0.09 
200 0.00 -0.01 -0.01 -0.01 0.01 - -o.oh -0.11 
205 0.00 -0.02 -0.01 -0.01 0.01 - -0.04 -0.11 
210 0.02 -0.01 -0.01 -0.01 0.02 - -0.03 -0.11 
215 0.02 -0.00 -0.01 -0.01 0.02 - -0.03 -0.11 
220 0.03 -0.01 -0.01 -0.01 0.02 - -0.03 -0.11 
225 0.02 -0.01 0.00 0.00 0.01 - -0.04 -0.10 
230 0.02 0.00 0.02 0.00 0.00 - -o.o4 -0.10 
235 0.01 0.00 0.03 0.00 0.00 - -0.04 -0.10 
2^0 0.01 0.00 0.03 -0.01 0.01 - -0.03 -0.10 
2̂ 5 -0.01 -0.01 0.03 -0.02 0.00 - -0.04 -0.11 
250 -0.02 -0.02 0.02 -0.03 0.00 - -0.04 -0.11 
255 -0.03 -0.01 0.03 -0.05 0.00 - -0.05 -0.12 
260 -0.04 -0.01 0.01 -0.05 0.00 - -0.06 -0.12 
265 -o.oh -0.01 0.01 -0.04 0.01 - -0.06 -0.12 
270 -0.04 0.00 0.01 -0.03 0.01 - -0.05 -0.11 
275 -0.05 0.00 0.02 -0.03 0.01 - -0.03 -0.10 
280 -0.05 -0.01 0.01 0.05 0.01 -0.02 -0.03 -0.10 
285 -0.05 -0.01 0.01 -0.07 0.01 -0.02 -o.o4 -0.10 
290 -0.04 -0.02 0.01 -0.08 0.00 -0.02 -0.04 -0.10 
295 -o.o4 -0.01 0.02 -0.08 0.00 -0.02 -0.05 -0.08 
298.15 -0.05 -0.01 0.01 -0.09 0.00 -0.02 -0.05 -0.08 
300 -0.06 -0.01 0.01 -0.09 -0.01 -0.02 -0.05 -0.08 
* See reference 3^ for the selected values. 
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APPENDIX C 
DERIVED EXCESS THERMODYNAMIC PROPERTIES 
Table l6. Derived Excess Thermodyn.amic Properties 
of 2-Propanol + n-Heptane 
0.0809 0.2^92 0.4219 0.5993 0.7984 
T,K Excess Heat Capac Jity (Joule s/gm. mole-It) 
318.15 13.69 19.13 19.35 17.46 II.65 
313.15 13.06 17.77 1.8.42 16.63 10.92 
308.15 12.36 16.45 17.43 15.71 10.17 
*303.15 11.61 15.19 16.38 14.73 9-39 
298.15 10.82 13.97 15.32 13.71 8.60 
293.15 10.00 12.82 1.4.24 12.67 7.82 
288.15 9.18 11.72 13.16 11.62 7.05 
283.15 8.36 10.68 12.09 10.58 6.30 
278.15 7.55 9.70 ii.o4 9-55 5.58 
273.15 6.77 8.78 1.0.02 8.55 4.89 
268.15 6.03 7.92 9.o4 7.60 4.24 
263.15 5.33 7.11 8.11 6.69 3.63 
258.15 4.67 6.37 7.22 5.83 3.07 
253.15 4.07 5.69 6.39 5.04 2.56 
248.15 3.52 5.06 5.61 4.30 2.09 
243.15 3.03 4.48 4.89 3.62 I.67 
238.15 2.59 3-95 4.23 3.01 I.29 
233.15 2.21 3.^7 3.62 2.45 O.96 
228.15 1.89 3.03 3.07 1.95 0.66 
223.15 1.61 2.62 2.56 1.50 0.39 
218.15 1.38 2.25 2.10 1.09 0.15 
213.15 1.18 1.91 1.67 O.72 -0.08 
208.15 1.02 1.58 1.26 0.37 -0.30 
203.15 0.88 1.28 0.88 0.03 -0.52 
198.15 0.7^ O.98 0.50 -0.31 -0.76 
* Values above this temperature are obtained by extrapolating the 
polynomials given in Table 11, Appendix B. 
(Continued) 
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Table l6. Derived Excess Thermodynamic Properties 
of 2-Propanol + n-Heptane (Continued) 
X 
a 
O.0809 0.2^92 0.4-219 0.5993 0.7984 
T,K Excess Heat Capacity (joule. s/gm., mole-K) 
193.15 0.62 O.67 0.12 -O.67 -1.03 
188.15 0.46 0.37 -0.28 -1.06 -1.34 
**183.15 0.28 0.04 -0.71 -1.50 -1.71 
178.15 0.05 -0.31 -1.19 -2.02 -2.15 
173-15 -0.24 -O.69 -1. 74 -2.63 -2.68 
168.15 -0.62 -1.11 -2.38 -3.36 -3.32 
163.15 -1.09 -1.60 -3.12 -4.23 -4.09 
*-* Values "below this temperature are obtained by extrapolating the 
polynomials given in Table 11, Appendix B. 
(Continued) 
95 
Table l6. Derived Excess Thermodynamic Properties 
of 2-Propanol + n-Heptane (Continued) 
0.0809 0.2492 0.4219 0.5993 0.7984 
T,K Excess Enthalpy ( Jou le s/gm. mole) 
318.15 748 1101 1179 1051 664 
313.15 682 1009 1084 966 608 
308.15 618 923 995 885 555 
*303.15 (558)*** (844) (910) (809) (506) 
298.15 502 771 831 738 461 
293.15 450 704 757 672 420 
288.15 402 64 3 688 611 383 
283.15 358 587 625 556 349 
278.15 318 536 567 505 320 
273.15 283 490 515 460 294 
268.15 251 448 467 420 271 
263.15 222 4 i i 424 384 251 
258.15 197 377 386 353 234 
253.15 175 347 352 326 220 
248.15 156 320 322 302 209 
243.15 l4o 296 296 283 199 
238.15 126 275 273 266 192 
233.15 114 257 253 252 186 
228.15 io4 24o 236 24 l 182 
223.15 95.2 226 222 233 180 
218.15 87 .7 214 211 226 178 
213.15 81.3 204 201 222 178 
208.15 75.8 195 194 219 179 
203.15 71 .1 188 I89 218 181 
198.15 67.O 182 185 219 184 
193.15 63.6 178 184 221 189 
188.15 60.9 175 184 225 195 
**183.15 59 .1 174 187 232 202 
178.15 58.2 175 191 2 4 l 212 
173.15 ^8.6 178 199 252 224 
168.15 60.7 182 209 267 239 
163.15 65.O 189 223 286 257 
•**-* Integration constants 
(Continued) 
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Ta"ble l6. Derived Excess Thermodyn.amic Properties 
of 2-Propaiiol + n-Heptane (Continued) 
0.0809 0.2492 0.4219 0.5993 0.7984 
T,K Excess GitTbs Free Energy (Joules/gm. mole) 
318.15 504 1048 1262 1215 823 
313.15 507 1048 1259 1211 820 
308.15 510 1047 I.256 1207 817 
•̂303.15 (511)*** (1044) (1251) (1201) (812) 
298.15 511 io4o 1245 1194 807 
293.15 511 1035 1237 1186 800 
288.15 509 1029 1228 1176 794 
283.15 507 1022 1218 1166 786 
278.15 504 1013 1207 1155 778 
273.15 500 ioo4 1195 1143 770 
268.15 496 995 1183 1130 761 
263.15 491 984 II69 1116 751 
258.15 486 973 1154 1102 742 
253.15 48o 961 1139 1087 732 
248.15 474 949 1123 1072 722 
243.15 467 936 1107 1056 711 
238.15 46o 922 1090 1040 701 
233.15 453 909 1072 1024 690 
228.15 446 894 1055 1007 679 
223.15 438 880 1037 990 668 
218.15 430 86^ 1018 973 657 
213.15 423 850 1000 956 646 
208.15 4i4 835 981 939 635 
203.15 4o6 819 962 922 624 
198.15 398 8o4 943 904 613 
193.15 390 788 924 887 603 
188.15 381 772 904 870 592 
**l83.15 373 756 885 853 582 
178.15 364 74o 866 836 571 
173.15 355 725 848 819 561 
168.15 347 709 829 803 552 
163.15 338 693 811 787 543 
•**-* Integration constants 
(Continued) 
Table l 6 . Derived Excess Thermodynamic P r o p e r t i e s 
of 2-Propanol + n-Heptane (Continued) 
x 0.0809 0.21+92 0.1+219 0.5993 0.7981+ 
T,K Exc : e s s E n t r o p y ( J o u l e s / g m . mole-K) 
3 1 8 . 1 5 O.768 O . I 6 7 - 0 . 2 6 0 - 0 . 5 1 ^ - 0 . 5 0 1 
3 1 3 . 1 5 0 . 5 5 6 •0 .126 -O.56O -0.781+ - 0 . 6 8 0 
3 0 8 . 1 5 0 . 3 5 1 •0.1+01 -0.81+8 -1.01+1+ -O.8I+9 
* 3 0 3 . 1 5 0 .155 •0 .660 - 1 . 1 2 5 - 1 . 2 9 3 - 1 . 0 0 9 
2 9 8 . 1 5 - 0 . 0 3 1 0 . 9 0 2 - 1 . 3 8 9 - 1 . 5 3 0 - 1 . 1 5 9 
2 9 3 . 1 5 - 0 . 2 0 7 1 .129 - 1 . 6 3 9 - 1 . 7 5 3 - 1 . 2 9 8 
2 8 8 . 1 5 - 0 . 3 7 2 1.3^0 -i.8jk - 1 . 9 6 2 -1.1+26 
2 8 3 . 1 5 - 0 . 5 2 6 1.535 - 2 . 0 9 5 - 2 . 1 5 6 - 1 . 5 ^ 2 
2 7 8 . 1 5 - 0 . 6 6 8 1 .717 - 2 . 3 0 1 - 2 . 3 3 5 -1.61+8 
2 7 3 . 1 5 - 0 . 7 9 7 •1.881+ -2.1+92 -2.1+99 -1.71*3 
2 6 8 . 1 5 - 0 . 9 1 6 •2 .038 - 2 . 6 6 8 -2.61+8 - 1 . 8 2 7 
2 6 3 . 1 5 - 1 . 0 2 2 •2 .180 - 2 . 8 3 0 - 2 . 7 8 3 - 1 . 9 0 1 
2 5 8 , 1 5 - 1 . 1 1 8 •2 .309 - 2 . 9 7 7 - 2 . 9 0 3 - 1 . 9 6 5 
2 5 3 . 1 5 - 1 . 2 0 3 2.1+27 - 3 . 1 1 0 - 3 . 0 0 9 - 2 . 0 2 0 
21+8.15 - 1 . 2 7 9 2 . 5 3 ^ - 3 . 2 2 9 - 3 . 1 0 2 - 2 . 0 6 7 
21+3.15 - 1 . 3 ^ 5 2 . 6 3 1 - 3 . 3 3 6 - 3 . 1 8 2 - 2 . 1 0 5 
2 3 8 . 1 5 -1.1+0I+ 2 . 7 1 8 - 3 A 3 1 - 3 . 2 5 1 - 2 . 1 3 5 
2 3 3 . 1 5 -1.1+55 2 . 7 9 7 - 3 . 5 1 ^ - 3 . 3 0 9 - 2 . 1 5 9 
2 2 8 . 1 5 -1.1+99 2 . 8 6 7 - 3 . 5 8 6 - 3 . 3 5 7 - 2 . 1 7 7 
2 2 3 . 1 5 - 1 . 5 3 7 2 . 9 2 9 -3.61+9 - 3 . 3 9 5 - 2 . 1 8 8 
2 1 8 . 1 5 - 1 . 5 7 1 2 . 9 8 5 - 3 . 7 0 1 -3.^21+ -2.I9I+ 
2 1 3 . 1 5 - 1 . 6 0 1 3 . 0 3 3 - 3 . 7 ^ 5 -3.1+1+5 - 2 . 1 9 5 
2 0 8 . 1 5 - 1 . 6 2 7 3 . 0 7 ^ - 3 . 7 7 9 - 3 . ^ 5 8 - 2 . 1 9 1 
2 0 3 . 1 5 - 1 . 6 5 0 3 . 1 0 9 - 3 . 8 0 5 - 3 . ^ 6 3 - 2 . 1 8 1 
1 9 8 . 1 5 - 1 . 6 7 0 3 . 1 3 7 - 3 . 8 2 3 - 3 A 6 0 - 2 . 1 6 5 
1 9 3 . 1 5 - 1 . 6 8 8 3 .158 - 3 . 8 3 1 - 3 . W 7 - 2 . ll+2 
1 8 8 . 1 5 - 1 . 7 0 2 3 .172 - 3 . 8 2 9 - 3 . ^ 2 5 - 2 . 1 1 1 
* * l 8 3 . 1 5 - 1 . 7 1 2 3 . 1 7 7 - 3 . 8 1 5 - 3 . 3 9 0 - 2 . 0 7 0 
1 7 8 . 1 5 - 1 . 7 1 7 3 . 1 7 3 - 3 . 7 8 9 - 3 . 3 ^ 2 - 2 . 0 1 7 
1 7 3 . 1 5 -I .71I+ 3 . 1 5 9 - 3 - 7 ^ 7 - 3 . 2 7 6 - 1 . 9 ^ 9 
1 6 8 . 1 5 - 1 . 7 0 2 3 .133 - 3 . 6 8 7 - 3 . 1 8 8 - 1 . 8 6 1 
1 6 3 . 1 5 - 1 . 6 7 6 3 .092 -3.60I+ - 3 . 0 7 ^ - 1 . 7 5 0 
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Ta"ble 17. Derived Excess Thermodynamic Properties of Ethanol 
+ n-Heptane <* 
0.1023 0.2805 0.4388 o.6i4o 0.8107 
T,K Excess Heat Capac: Lty ( j ou l e s/gm. mole-K) 
318.15 14.47 18.23 17.39 14.13 8.13 
313.15 13.32 16.43 15.67 12.54 7.13 
308.15 12.22 14.79 14.08 11.12 6.25 
*303.15 11.16 13.29 12.62 9.84 5.45 
298.15 10.15 11.92 11.28 8.69 4.75 
293.15 9.19 IO.67 10.04 7.66 4.12 
288.15 8.28 9.52 8.90 6.73 3.56 
283.15 7.42 8.47 7.86 5.89 3.06 
278.15 6.62 7.49 6 .91 5.14 2.62 
273.15 5.87 6.59 6.03 4.46 2.22 
268.15 5.17 5.76 5.24 3.84 1.86 
263.15 4.52 5.00 4.52 3.28 1.54 
258.15 3.93 4.30 3.86 2.78 1.25 
253.15 3-39 3.66 3.28 2.32 0.99 
248.15 2.90 3.08 2.75 1.91 0.75 
243.15 2.46 2 .57 2.29 1.54 0.53 
238.15 2 .07 2.13 1.89 1.21 0.33 
233.15 1.72 1.76 1.54 0.93 0.16 
228.15 1.42 1.47 1.26 O.69 -0 .00 
223.15 1.16 1.28 1.03 0 .51 -0 .14 
218.15 0.94 1.18 0.86 0.37 -0 .26 
* * 2 i 3 . i 5 0.76 1.20 0.76 0.30 -0 .36 
208.15 0 .61 1.35 0 .71 0.29 -0 .44 
203.15 0.49 1.64 0.73 0.36 -0 .48 
198.15 0.40 2.09 0.82 0 .51 -0 .50 
193.15 0.33 2.72 0.99 0.76 -0 .48 
188.15 O.29 3.54 1.23 1.11 -0 .42 
183.15 0.25 4.59 1.55 1.58 -0 .32 
* Values above this temperature are obtained by extrapolating the 
polynomials given in Table 11, Appendix B. 
*•* Values below this temperature are obtained by extrapolating the 
polynomials given in Table 11, Appendix B. 
(Continued) 
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Table 17. Derived Excess Thermodynamic Properties of Ethanol 
+ n-Heptane (Continued) 
0.1023 0.2805 0.1*388 o.6i4o 0.8107 
T,K Excess Enthalpy (Joules/gm. mole) 
318.15 699 899 89^ 771 509 
313.15 629 812 811 704 471 
. 308.15 565 734 737 645 437 
*303.15 (507)*** (66*0 (670) (593) (4o8) 
298.15 4^4 601 610 5V7 383 
293.15 405 545 557 506 360 
288.15 362 494 510 ^70 34 l 
283.15 323 449 1*68 439 325 
278.15 287 409 431 4 l l 310 
273.15 256 374 399 387 298 
268.15 229 3^3 371 366 288 
263.15 205 316 346 348 280 
258.15 183 293 325 333 273 
253.15 165 273 307 321 267 
248.15 149 257 292 310 263 
243.15 136 242 280 302 260 
238.15 125 231 269 294 257 
233.15 115 221 26.1 289 256 
228.15 108 213 254 285 256 
223.15 101 206 248 282 256 
218.15 95.9 200 243 280 257 
**213.15 91.6 194 239 278 259 
208.15 88.2 188 236 277 261 
203.15 85.4 180 232 275 263 
198.15 83.3 171 228 273 266 
293.15 8 l .4 159 223 270 268 
188.15 79-9 l44 218 266 270 
183.15 78.5 123 211 259 272 
•*•** Integration constants 
(Continued) 
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Table 17. Derived Excess Thermodynamic Properties of Ethanol 
+ n-Heptane (Continued) 
0.1023 0.2805 0.^388 0.6lk) 0.8107 
T,K Excess Gibbs Freee E n e r g y ( J o u l e s/gm. mole ) 
318.15 673 1283 l l*8l 1387 938 
313.15 672 1276 1M1 1376 931 
308.15 671 1268 ik6o 1365 923 
*303-l5 (669)*** (1259) {IkkQ) (1353) ( 9 1 5 ) 
298.15 666 12^9 1^35 13^0 906 
293.15 662 1237 3.1*20 1326 897 
288.15 657 1225 11*05 1312 QQQ 
283.15 652 1212 1389 1297 878 
278.15 6k6 1198 1373 1282 869 
273.15 639 118^ 1355 1266 858 
268.15 632 1169 -"-338 1250 QkQ 
263.15 62^ 1153 1319 1233 838 
258.15 616 1137 1301 1216 827 
253.15 607 1120 1282 1199 816 
2^8.15 598 1103 1262 l l 8 l 805 
2^3.15 589 1086 12^3 1161* 79^ 
238.15 580 IO69 1223 l l l*6 783 
233.15 570 1051 1203 1128 772 
228.15 560 1033 1182 1110 761 
223.15 550 1015 1162 1092 750 
218.15 '5^0 997 111*1 1071* 739 
**213.15 530 978 1121 1055 728 
208.15 519 960 1100 1037 717 
203.15 509 9^1 1079 1019 706 
198.15 ^99 923 1058 1001 695 
193.15 1*88 903 1037 982 68I4-
188.15 1*78 88^ 1016 96k 67k 
183.15 ^67 86^4- 995 9^5 663 
*** Integration constants 
(Continued) 
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Table 17. Derived Excess Thermodynamic Properties of Ethanol 
+ n-Heptane (Continued) 
0.1023 0.2805 0.^388 0.6l4o 0.8107 
T,K Excess Entropy (Joule s/grn. mole-K) 
318.15 0.082 -1.208 -1.847 -1.935 -1.349 
313.15 -O.138 -1.482 -2.108 -2.146 -1.469 
308.15 -0.343 -1.733 -2.348 -2.336 -1.577 
*303.15 -0.53^ -I.963 -2.566 -2.507 -1,672 
298.15 -0.711 -2.172 -2.765 -2.661 -1.757 
293.15 -0.875 -2.363 -2.945 -2.799 -1.832 
288.15 -I.025 -2.537 -S.108 -2.922 -1.898 
283.15 -1.162 -2.694 -3.254 -3.033 -1.956 
278.15 -1.287 -2.836 -3.386 -3.131 -2.007 
273.15 -1.400 -2.964 -3.503 -3.217 -2.050 
268.15 -1.502 -3.078 -3.607 -3.294 -2.088 
263.15 -1.593 -3.179 -3.699 -3.361 -2.120 
258.15 -1.674 -3.268 -3.779 -3.419 -2.147 
253.15 -1.746 -3.345 -3.849 -3.469 -2.168 
248.15 -1.808 -3.413 -3.909 -3.511 -2.186 
243.15 -1.863 -3.470 -3.960 -3.546 -2.199 
238.15 -1.910 -3.519 -4.003 -3.574 -2.208 
233.15 -1.950 -3.560 -4.039 -3.597 -2.213 
228.15 -1.984 -3.594 -4.070 -3.615 -2.214 
223.15 -2.012 -3.625 -4.095 -3.628 -2.213 
218.15 -2.036 -3.652 -4.116 -3.638 -2.208 
**213.15 -2.056 -3.680 -4.135 -3.645 -2.201 
208.15 -2.071 -3.710 -4.152 -3.652 -2.191 
203.15 -2.085 -3-746 -4.170 -3.660 -2.180 
198.15 -2.096 -3.792 -4.290 -3.671 -2.168 
193.15 -2.105 -3.853 -4.212 -3.687 -2.155 
188.15 -2.113 -3-935 -4.24l -3.711 -2.143 
183.15 -2.121 -4.044 -4.278 -3.747 -2.133 
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Table l8. Derived Gibbs Free Energy of Mixing for 
2-Propanol H- n-Heptane 
0.0809 0.2492 0.4219 0.5993 0.7984 
T,K Gibbs Free Energy of Mixing (Joules /gm. mole) 
318.15 -239 -^37 -540 -^66 -506 
313.15 -224 -4 l4 -513 -542 -488 
308.15 -210 -392 -489 -518 -471 
^303.15 -197 --371 -465 -496 - ^ 
298.15 -185 -352 -443 -475 -439 
293.15 -174 •-333 -422 - ^ -425 
288.15 -164 -316 -403 -437 - 4 i i 
283.15 -15^ --300 -385 -419 -397 
278.15 -146 -285 -367 -402 -384 
273.15 -138 -271 -351 -386 -372 
268.15 -130 -257 -336 -371 -360 
263.15 -123 -244 -321 -357 -348 
258.15 -117 -232 -307 -343 • -337 
253.15 -111 - 2 2 1 -294 -330 -326 
248.15 -106 -210 -282 -317 -315 
243.15 -101 •-199 -270 -305 -305 
238.15 - 95.8 - I 8 9 -258 -293 -295 
233.15 - 91.3 -180 -247 -281 -285 
228.15 - 87.0 - 1 7 1 -237 -270 -274 
223.15 - 82 .9 -162 -227 -259 -264 
218.15 - 79.0 •-153 -217 -248 -255 
213.15 - 75-3 -145 -207 -237 -245 
208.15 - 71.7 •-137 -198 -226 -235 
203.15 - 68.2 -129 -188 -216 -225 
198.15 - 64.8 - 1 2 1 -179 -205 -215 
193.15 - 61.5 -114 -170 -194 -205 
188.15 - 58.3 -106 -161 -184 -194 
**l83.15 - 55.2 - 98.6 -151 -173 -184 
178.15 - 5 2 . 1 - 91.2 -142 -161 -173 
173.15 - 59.0 •- 83 .7 -133 -150 -162 
168.15 - 45.9 - 76 .1 -123 -138 -151 
163.15 - 42.6 - 68.3 -113 -126 -139 
•* Values above this temperature are obtained by extrapolating the 
polynomials given in Table 11, Appendix B. 
*-* Values below this temperature are obtained by extrapolating the 
polynomials given in Table 11, Appendix B. 
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Table 19. Derived Gi'bbs Free Energy of Mixing for Ethanol 
+ n-Heptane 
0.1023 0.2805 0.^388 o.6i4o 0.8107 
T,K Gibbs Free Energy of Mixing (Joules/gm. mole) 
318.15 -201 -287 -332 -378 -346 
313.15 -187 -269 -314 -360 -333 
308.15 -175 -252 -296 -344 -320 
*303.15 -163 -237 -280 -328 -308 
298.15 -153 -222 -265 -313 -296 
293.15 -143 -209 -251 -299 -285 
288.15 -134 -197 -237 -286 -274 
283.15 -126 -185 -225 -273 -264 
278.15 -118 -174 -213 -261 -254 
273.15 -111 -164 -202 -249 -244 
268.15 -104 -154 -191 -237 -234 
263.15 - 98.5 -145 -l8l -226 -224 
258.15 - 93.0 -137 --"-71 -215 -215 
253.15 - 87.8 -129 -l6l -205 -205 
248.15 - 82.9 -121 ---52 -195 -196 
243.15 - 78.4 -113 -143 -185 -187 
238.15 - 74.1 -106 -135 -175 -178 
233.15 - 70.0 - 99.3 -127 -165 -168 
228.15 - 66.2 - 92.5 -118 -155 -159 
223.15 - 62.4 - 85.9 -110 -146 -150 
218.15 - 58.8 - 79.5 -102 -136 -l4l 
**213.15 - 55.3 - 73-1 - 94.3 -126 -132 
208.15 - 51.9 - 66.9 - 86.6 -117 -123 
203.15 - 48.6 - 60.9 - 78.9 -108 -114 
198.15 - 45.3 - 55.1 - 71.3 - 98.1 -104 
193.15 - 42.1 - 49.5 - 63.8 - 88.8 - 94 
188.15 - 38.9 - 44.3 - 56.4 - 79.6 - 85 
183.15 - 35.8 - 39-5 - 49.2 - 70.5 - 75 
* Values above this temperature are obtained by extrapolating the 
polynomials given in Table 11, Appendix B. 
*"* Values below this temperature are obtained by extrapolating the 
polynomials given in Table 11, Appendix B. 
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APPENDIX D 
CALCULATION OF THE HEAT CAPACITY 
General 
A heat capacity run involved an initial equilibrium temperature, 
a heating interval, and a final equilibrium temperature. The experi-
mental data are 
1. The initial resistances, R and N, were measured with a 
Mueller G-2 Bridge. The initial resistance of the platinum resistance 
thermometer was the arithmetic average (N + R)/2. 
2. During the heating interval two readings of voltage were made 
using a White potentiometer. The voltage across the volt box, P, and 
the voltage across the standard resistor, Q, were the arithmetic average 
of the two pairs of measurements at approximately one-third and two-
thirds of the total time of the heating period. 
3. The total time, S, of the heating interval was recorded in 
seconds. 
k. The final resistances, R and N were measured. The final 
resistance of the platinum resistance thermometer was (N + R)/2. 
The heat capacity was calculated from these experimental data. 
The temperatures corresponding to the resistance of steps 1 and k 
were calculated from the Callendar-Van Dusen equation. The equation 
relates the temperature on the International Practical Temperature Scale 
of 1°A8 to the resistance of the platinum resistance thermometer. The 
105 
equation was approximated by a fourth degree polynomial in resistance 
t = A + A R H- A2 R^ + A R
3 + A^ R 
which gave an initial guess of temperature. An iterative solution of 
the Callendar-Van Dusen equation by the method of successive substitu-
tion yielded an equilibrium temperature. The iteration was stopped 
when |t - t -i | ̂  0.0001. This equilibrium temperature was converted 
to the IPTS 1968 using the polynomial given in Table 5 of Appendix A. 
The amount of heat added to the calorimeter can plus sample was 
calculated using the data of steps 2 and 3- A schematic diagram of the 
heating circuit is shown in Figure 10. The total heat dissipated at the 
heater resistor is 
S 
Heat = J E-I dT . 
0 
Using the relations 
XT = IS """H + •"V.B. 
EH • EV.B. = f*P 
JS = «/RS 
•ST.B. = f ^ ^ . B . 
and assuming that f, P, Q, B.„, and R-. _ are independent of time over the 
heating interval, S, then 
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Figure 10. Heating Circuit. 
Heat = (Q/Rg - f-P/Ry B )-f-P-S 
Heat = Total heat added to can + sample, Joules 
R = Resistance of Standard Resistor, l.OOOM^ ohms 
o 
R^ = Resistance of Volt Box, 60000 ohms 
f = Volt Box reduction ratio factor, 200 
P = Voltage across volt "box, absolute volts 
P.f = Voltage across heater, absolute volts 
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Q = Voltage across standard, resistor, absolute volts 
S = Total time of heating interval, seconds. 
The heat capacity of the calorimeter can plus sample is the heat 
input divided by the temperature rise during the time S. The tempera-
ture assigned to the heat capacity was the arithmetic average of the 
initial and final temperatures. 
21 
The heat capacity of the can had been determined by Hwa from 
-117 to 32°C on the IPTS-^8. Hwa fit the data to an equation of the 
form 
(Cj = (An + A -t + A -t
2 + A -t3 + A,-t )-lkl81j- • v P can v 0 1 2 3 1 
The coefficients are given in Table 20. 
Table 20. Heat Capacity of Calorimeter Can. 
Coefficient Value 
AQ l6.150851 
A 1 1.^6ll653(-2) 
A2 - 9.8269990(-6) 
A3 1.1551TT8(-T) 
A^ - l.96368lo(-9) 
Hwa's calibration of the can "was used without recalibration because 
1. The weight of the can was + 20 milligrams of the weight 
when Hwa calibrated the can. This fluctuation was due to the variation 
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of the solder used to seal the caps. This variation has a negligible 
effect on the heat capacity (+ 0.00.3 Joule/K). 
2. Heat capacities of pure components agree with those of other 
laboratories which have reported precision measurements. The heat capa-
city of the can evaluated at the mean temperature was subtracted from 
the total heat capacity to yield the heat capacity of the sample. The 
heat capacity calculated on the IPTS-48 was converted to the IPTS-68 
using the coefficients given in Table 5> Appendix A. The heat capacity 
of the sample was divided by the number of moles in the can to obtain 
the molar heat capacity of the sample which is given in Appendix B. 
Sample Calculation of the Heat Capacity of the Pare Liquid 
The data for a heat capacity measurement of n-heptane are given 
in Table 21. From the data in Table 21 and the weight of the sample,, 
Table 21. Calorimetric Data for Sample Calculation 
of Heat Capacity. 
Initial Resistance N = 25.91865 ohms 
R = 25.98^55 ohms 
Average Potentials P = 0.0581^52 volts 
Q = 0.07855^7 volts 
Time of Heating Interval S = 1238.3̂ - seconds 
Final Resistance N = 26.33904 ohms 
R = 26.k0k6j ohms 
10^.380 gms., the following data were calculated 
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Weight of sample in vacuo 104.541 grams 
Initial resistance of platinum thermometer 25.561662 ohms 
Initial temperature, IPTS 1948 273.7484 K 
Initial temperature, IPTS 1968 273.7485 K 
Heat input II27.954 Joules 
Final resistance of platinum thermometer 25.951^00 ohms 
Final temperature, IPTS 1948 277.5905 K 
Final temperature, IPTS 1968 277.5889 K 
Mean temperature, IPTS 1968 275.6687 K 
Temperature increment 3.84o4 + 0.001 K 
The heat capacity of the can at 275.6687 K vas calculated to "be 67.729 
Joules/K using the polynomial given in Table 20. The heat capacity of 
n-heptane at 275.6687 K vas 
C = (1127.954/3.8404 - 67.729) (100.20557/lo4.54i) 
h 
= 2l6.6l Joules/gm. mole-K. 
The heat capacity vas not corrected, for the heat of vaporization 
effect or the heat capacity of the gas pha.se above the liquid. The 
heat of vaporization effect vas largest for ethanol. Near 308 K the 
effect vas 0.06 Joules/gm. mole-K. This correction, vhich decreases 
rapidly vith temperature, vas not made. The vapor space ahove the 
liquid vas approximately 10 milliliters. This vapor vas composed of 
gaseous nitrogen and the vapor of the liquid sample. This effect of 
the heat capacity of the vapor vas a maximum of ahout 0.01 Joules/K and 
vas neglected. 
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Sample Calculation of the Heat Capacity and Excess Heat 
Capacity of the Mixtures 
The data for a heat capacity measurement of 2-propanol + n-heptane 
are given in Table 22. From the data in Table 22 and the weight of the 
Table 22. Calorimetric Data for Sample Calculation of Heat 
Capacity for a Composition of 2-Propanol + n-
Heptane of x = 0.0809. 
a 
I n i t i a l Resistance 
Average Potentials 
Time of Heating Interval 
Time of Heating Interval 
N = 25.91672 ohms 
R = 26.02070 ohms 
P = 0.0675397 volts 
Q = 0.0912̂ -00 volts 
S = 1223.80 seconds 
N = 26.42040 ohms 
R = 26.52722 ohms 
sample, 103.051 grams, the following data were calculated 
Weight of sample in vacuo 
Initial resistance of platinum thermometer 
Initial temperature, IPTS 1948 
Initial temperature, IPTS 1968 
Heat Input 
Final resistance of platinum thermometer 
Final temperature, IPTS 1948 
Final temperature, IPTS 1968 











4.9815 + 0.001 K 
Ill 
The heat capacity of the can at 280.2482 K was calculated to be 
67.988 Joules/K using the polynomial given in Table 20. The total num-
ber of moles in the solution was 
Total moles = (0.0501) (l03.210)/(6(). 09661) + 
(0.9^99) (103.210)/(100.20557) 
= 1.0644 moles. 
The molar heat capacity of the solution at 280.2482 K was 
c| = (1503.904/4.9815 - 67.988)/i.o644 
= 219.73 Joules/gm. mole-K. 
The heat capacities of 2-propanol and n-heptane at 280.2482 K were cal-
culated to be 142.000 and 2l8.l47 Joul.es/gm. mo le-K respectively from 
the polynomials given in Table 12, Appendix B. The excess heat capacity 
by definition is 
C? = C^ - (x C + v C ) 
P P x a pa h p ' 
= 219.73 - (o.o8o9)(i42.ooo) - (o.9i9i)(2i8.i47) 
= 7-75 Joules/gm. mole-K 
and was assigned the mean temperature 280.2482 K. 
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APPENDIX E 
PURIFICATION AND CHARACTERIZATION OF MATERIALS 
The sources of the chemicals employed are Phillips Petroleum 
Company, Fisher Scientific Company, and U.S. Industrial Chemicals for 
n-heptane, 2-propanoic and ethanol, respectively. The specifications 
of the vendors are for n-heptane: a minimum purity of 99 mole per 
cent; for 2-propanol: certified with a purity of 99 mole per cent; 
and for ethanol: reagent quality, 200 proof. 
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The ethanol was purified "by a method described "by Fieser. A 
vacuum jacketed, strip-silvered distilling column packed with l/8 inch 
diameter glass helices was employed in the purification. The specifi-
cations of the column are 60 inches in length with an I.D. of 0.5 inches. 
The distilling head was a vacuum type although the distillation was per-
formed at atmospheric pressure under an atmosphere of dry air. The 
n-heptane was not purified "but a distillation using the same still was 
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made at a later date "by Holzhauer , who showed calorimetrically that 
the purity was not improved significantly. 
The 2-propanol, which was dried over calcium hydride in a dry 
"box, was not purified further. The ethanol and 2-propanol were stored 
in a dry "box after purification under an atmosphere of dry gaseous 
ni'trogen. 
The purity of the components was determined "by a calorimetric 
^5 technique described "by Rossini . The method involved partial freezing 
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of the sample, equilibrating the sample, and numerous heating periods 
until all the sample was melted. The melting point was also determined 
in this experiment. 
The calorimeter can, which contains the sample, was cooled under 
a high vacuum in a "bath of liquid nitrogen. Each of the pure samples 
exhibited supercooling before the freezing process started. The start 
of the freezing process was marked "by an increase in temperature due to 
the evolution of heat of fusion. After a large part of the sample was 
frozen equilibrium was obtained. The melting process was carried out 
in the same manner as a heat capacity measurement. A quantity of heat 
was added to the sample and a new equilibrium temperature was reached. 
The equilibration took more than one hour whereas for a heat capacity 
measurement in the liquid region equilibrium was obtained in 10 minutes. 
The heating periods were repeated until all the sample was melted. 
The fraction melted was calculated by taking the enthalpy at the 
melting point as zero. The enthalpy at each equilibrium temperature 
was calculated from the accumulated heat, the heat capacity of the 
liquid and solid, and the heat of fusion. The heat capacity of the 
solid for each pure substance was taken from the literature to correct 
for the small heat effect of raising the temperature of the solid in 
the premelting region. The heat capacity of the liquid was measured 
in this laboratory. The heat of fusion was taken from the literature. 
The calculation permitted the determination of the per cent melted at 
any equilibrium temperature. The method did not require that the 
sample be completely frozen before determining the purity or melting 
point. 
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The melting point and purity of each pure substance were deter-
mined calorimetrically. The assumptions that were made are the liquid 
is an ideal solution, the solid phase of the major constituent is pure, 
the system is in thermodynamic equilibrium., and Xp is small. These are 
^5 the assumptions of Rossini , who also derives the relationship 
x2 = A • F • (T* - Te) (51) 
A = Hf/R • (T*)
2 (52) 
where xp is the mole fraction impurity; F is the fraction melted; A is 
the cryoscopic constant; T* is the true melting point of the major con-
stituent; T is the equilibrium temperature; Hf, is the heat of fusion; 
and R is the gas constant. Equation (5l) can be rearranged to the form 
Te = T* - (X2/A)(l/F) . (53) 
A plot of the equilibrium temperature vs. (l/F) is a straight line. The 
intercept of the line is the true melting point and the slope times the 
cryoscopic constant is the mole fraction impurity. In this work the 
true melting point was determined graphically using Equation (53)> an(i 
the mole fraction of the impurity was calculated using Equation (5l)« 
The melting point and purity determinations are summarized in Table 23. 
For ethanol the heat of fusion, 1200 cal./gm. mole, reported by 
2k 
Kelley was used. The cryoscopic constant, 0.0239 "was calculated from 
this heat of fusion and the: melting point determined in the present 
work. The melting point of ethanol determined in this laboratory and 
in other laboratories is summarized in Table 2k. The melting point 
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measured in the present work agrees with that of Hwa well within 
experimental error. This indicates that the condition of the calorim-
eter has not changed significantly since Hwa used it. In view of the 
differences in temperature scales of the various authors and the stated 
uncertainties, the melting points agree quite well. 
For 2-propanol the heat of fusion, 1293 cal./gm mole, reported 
by Andon et al. was used. The cryoscopic constant was calculated from 
this heat of fusion and the melting point determined in the present 
work. The melting points of 2-propanol are summarized in Table 2k. 
The melting point determined in this work, 185.232 + 0.0^ K, agrees 
within experimental error with the value of Andon, et al. of 185.20 K. 
For n-heptane the heat of fusion, 3355 + cal/gm. mole, reported 
3J+ by McCullough and Messerly was used. Other reliable values in the 
literature are 3351 + 3 cal./gm. mole given by Douglas et al. and 
3357 + ^ cal./gm. mole reported by Stull . The melting points of 
n-heptane are summarized in Table 2k. The melting point determined in 
the present work are in complete agreement with those determined by 
the U.S. Bureau of Mines , U.S. National Bureau of Standards and 
Stull55. 
The excellent agreement of the melting points determined in the 
present work with other laboratories also using the International Tem-
perature Scale, indicates the consistency of the temperature scale 
used in this laboratory. The melting points reported in this work 
were not corrected for pressure effects when making comparisons with 
freezing points determined at atmospheric pressure or with triple 
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points. The magnitude of this effect vas estimated to be less than 
0.007 degrees. 
Table 23. Parity and Melting Point Determinations*. 
Ethanol 
Per Cent Melted Equilibrium Temper ature Melting Point 
















Melting Point of Pure Ethane :)1 158.991 + 0.03 K 
Mole Fraction Impurity 
2-Propanol 
0.0006 + 0.0002 
Per Cent Melted Equilibrium Temper ature Mole Fraction 
















Melting Point of Pure 2-Propanol 
Mole Fraction Impurity 
185.232 + o.o4 K 
0.0016 + 0.0003 
n-Heptane 










Melting Point of Pure n-Heptane 






182.562 + o.o4 K 
0.0030 + 0.0008 
* All temperatures in this table are on the International Practical 
Temperature Scale of 1948 H- 273.15. 
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Table 2k. Melting Point of Pure Constituents. 
Ethanol 
Author Reference Temperature Scale Melting Point, K 
Present work IPKS--54 158.991 + 0.03 
Hwa 21 IPKS--54 159.015 + 0.05 
Kelley 2.k Unknown 158.5 
Nikolaev et al. 36 Unknown 158.8 +0.1 
A.P.I. hG IPKS--5^ 158.75 
2-Propanol  
Author Reference Temperature Scale Melting Point, K 
Present work ZPKS--54 185.232 + 0.04 
Kelley 25 Unknown 184.67 
Andon et al. 1 IPKS--54 185.20 
A.P.I. 46 IPKS--54 184.75 
n-Heptane 
Author Reference Temperature Scale Melting Point, K 
Present work 
U.S. Bureau of Mines 









182.562 + o.o4 
182.55 + 0.05 





DRIFT RATE STUDIES 
Two possihle alternatives for the environment of the cryostat 
are that the temperature of the hath can he adjusted as the sample is 
heated or a constant temperature hath, can he used for a specific tem-
21 
perature range. The temperature of the hath used "by Hwa was adjusted 
as the temperature of the calorimeter can he changed. However, McGee 
SI and Liu used constant temperature "baths in their work. For this 
reason a drift rate study was initiated to determine the effect of the 
hath on the heat capacity measurements. 
The maximum effect on the heat capacity measurement would he 
expected when the temperature is high and the temperature difference 
hetween the can (or shields) and cryostat are at a maximum, since the 
driving forces for heat transfer are a maximum under these, conditions. 
The constant temperature "baths used were a liquid nitrogen hath, a 
dry ice-ethanol hath, and an ice-water hath. Rough experiments showed 
that helow the normal suhlima.tion point of dry ice (approximately -78 C) 
a liquid nitrogen hath could he used with a negligible effect on the 
heat capacity. 
The determination of a drift rate for a particular hath and 
calorimeter can temperature involved: 
l) Keeping the temperature difference hetween the shield and the 
calorimeter can as near as possihle to some specified value (the final 
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temperature difference, t ,...,- t^ , is obtained by monitoring the 
sme.Lo. can 
three, three-junction constantan chromel-P thermocouples TD1, TD2, and 
TD3 (see Chapter II), 
2) Keeping the temperature difference "between the guard ring 
and the shield as near to zero as possible (thermocouple, TD4), 
3) Measuring the temperature of the; calorimeter can over a 
period of one to two hours (any noted temperature change is referred 
to as the drift rate in degrees/hour). 
The results of the drift rate study are given in Tables 25, 26, 
and 27. In some of the measurements the shield and calorimeter can 
were held at a constant temperature difference other than zero. These 
experiments gave an indication of the effect of shield control on heat 
capacity measurements. The results of a zero temperature difference 
showed that only near the upper temperature range of a bath was the 
drift rate large enough to cause a noticeable effect. A heat capacity 
measurement usually involved a five degree rise in temperature in ̂-0 
minutes and was made with as close to a zero temperature difference 
between the shield and the calorimeter can as possible. From the results 
given in Tables 25, 26, and 27 it is shown that the maximum effect on 
the heat capacity was less than the accuracy of 0.2 per cent claimed. 
The water bath did not afford a significant improvement over the ice-
water bath. A comparison with the variable temperature bath was not 
possible since Hwa did not make a similar study. The drift rate results 
for the water bath, however, give an indication of the drift rate to be 
expected with the variable temperature bath. It was concluded that the 
constant temperature baths could be used with a negligible effect on the 
heat capacity. 
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Table 25. Drift Rates For Dry Ice-Ethanol Bath. 












Table 26. Drift Rates For Ice-Water Bath. 




































Table 27. Drift Rate For Water Bath, 21 C. 
can' shield can' 
Drift Rate, °C/hr, 
32.1 0.00 -0.004 
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APPENDIX G 
EFFECT OF PRESSURE ON THE EXCESS THERMODYNAMIC PROPERTIES 
The excess thermodynamic properties are assumed to "be at constant 
pressure. The error in having made this assumption for measurement made 
at constant temperature and composition is determined from the thermo-
dynamic relations 
'&\ •->$£), <»> 
T,x P.,x 
fs£\ . J* . T(|!) (55) v 3P / 
T,x x w"" "P,x 
(#1 --(€) <*> T,x P,x 
( ^ ) T , X - ^ • < *> 
Integrating Equations (5*0 to (57) 
Po 
A CE - ^ " ^ 
P-, ax p,x 
= - J" " T ( ^ ) dP (58) 
p2 -- rf ** = : [v"-T(g) > (59) 
P-L P>* 
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2 -av* ^ = -J (|) & (60) .ST. 
P2 
A GE = J Vs dP . (61) 
Pl 
All measurements in this work are made at less than one atmos-
phere, therefore the maximum error occurs when P and Pp are zero and 
one atmosphere, respectively. The excess volume or the first and second 
derivative of the excess volume with respect to temperature are not 
known as a function of pressure. Therefore, Equations (58) to (6l) are 
integrated assuming these properties constant with respect to pressure. 
Van Ness et al. report the excess volume at 25 and 45 C for 
the ethanol + n-heptane system. The excess volume is a maximum of 
0.465 cc/gm. mole at a mole fraction of ethanol of 0.5. At this mole 
fraction ("TFfr) is estimated to "be 0.0077 cc/gm. mole-K. For the 
P' X 59 
2-propanol + n-heptane system. Van Ness et al. report the excess volume 
at 25 C. The excess volume at a mole fraction of 2-propanol of 0.5 is 
O.585 cc/gm. mole. Van Ness estimated (-vfr) to "be 0.0075 cc/gm. 
p,x 
mole-K at this mole fraction for 25 C. 
The effect of pressure on the excess properties of the ethanol + 
n-heptane and 2-propanol + n-heptane systems is summarized in Ta"ble 28. 
The actual pressure in the system at the lowest temperature is estimated 
to "be approximately 0.6 atmosphere, hence the error is even less. The 
effect of pressure on these properties are much less than the uncertainly 
of the data. Therefore, in gill calculations the corrections are not made 
for this effect. 
Tat>le 28. Ef fec t of P ressu re on the Excess Thermodynamic 
P r o p e r t i e s . 
Ethanol + n-Heptane 
P rope r ty Ef fec t of P re s su re 
Ii -0 .186 Joules/gm. mole 
SE -O.OOO78 Joules/gm. mole-K 
E 
G O.oVf Joules/gm. mole 
2-Propanol + n-Heptane 
P rope r ty Ef fec t of P res su re 
BT -O.167 Joules/gm. mole 
S^ -O.OOO76 Joules/gm. mole-K 
(T 0.0.59 Joules/gm. mole 
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APPENDIX H 
EMPIRICAL METHODS OF CORRELATING 
EXCESS GIBBS FREE ENERGY DATA 
The historical methods for correlating excess Gibbs free 
energy data have used the Van Laar equation, Hildebrand solubility 
parameters, the Margules equation, the Wohl equation, and the Redlich-
Kister equation. More recent methods are a modified form of the 
35 6k k-0 
Redlich-Kister equation , the Wilson equation , the Renon equation , 
62 
and the Wiehe-Bagley equation . The Wilson equation has two param-
eters and the Renon equation has four parameters. Renon's equation, 
unlike Wilson's, is applicable to partially miscible as well as com-
51 pletely miscible systems. A modification of Wilson's equation with 
three parameters is applicable to partially miscible systems. The 
Wiehe-Bagley equation, which has three parameters, is applicable to 
alcohol-inert solvent systems. Wiehe and Bagley used -5900 cal./gm. 
mole for the parameter related to the breaking of a hydrogen bond, 
therefore, the equation is reduced to a two parameter relation. 
It is desirable that any empirical method used to correlate 
excess Gibbs free energy data have as few adjustable parameters as 
possible. For this reason the Wilson equation and the Wiehe-Bagley 
equation are chosen for study and compared with the Redlich-Kister 
equation. This comparison was made for the ethanol + n-heptane and 
2-propanol + n-heptane systems. An attempt was also made to correlate 
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the experimental excess enthalpy, excess entropy, and excess heat 
capacity data with the Redlich-Kister equation. These data could not 
"be correlated over the complete temperature range of the data. 
The Redlich-Kister equation of the form 
GE/xaxh R.T - S Yi(2.xs - l) (62) 
i 
and a modified Redlich-Kister equation of the form* 
x x0 R-T/G
E = 2 Z.(2-x - 1) (63) 
a R ' . ix a ' 
1 
were used to fit the excess Gibbs free energy data of the ethanol + 
n-heptane and 2-propanol + n-heptane systems. A least square procedure 
using Forsyth orthogonal polynomials was employed in the fit. 
The excess Gibbs free energy data of the ethanol + n-heptane 
system were fitted at 213.15, 2*4-3.15, 273..15, 283.15, and 303-15 K by 
Equation (62). The Redlich-Kister equation of the third degree gave 
an average deviation of 0.^ per cent at 2.13.15 K to 0.5 per cent at 
303.15 K and a maximum deviation of 0.6 per cent. The constants of 
the Redlich-Kister equation are given in Table 29. 
The excess Gibbs free energy data of the 2-propanol + n-heptane 
system were fitted at 183.15, 213.15, 2*4-3.15, 273.15, and 303-15 K by 
Equation (62). The Redlich-Kister equation of the third degree gave 
an average deviation of 0.1 per cent at 183.15 K to 0.5 per cent at 
303.15 and a maximum deviation of 0.9 per cent. The constants of the 
Redlich-Kister equation are given in Table 29. 
* The function x x, /G versus x presents a more nearly linear curve 
for polar systems than Equation (l). 
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Table 29. Coefficients, J., of the Redlich-Kister Equation. 
Ethanol + n-Heptane 
T,K Y o \ Y2 Y3 
213.15 2.51377152 -0.14968385 0.78757798 -0.217399^9 
243.15 2.44279941 -0.17523976 0.71856915 -0.23^807^5 
273-15 2.37198776 -0.1895^058 0.65829521 -O.2IOH523 
283.15 2.3^6^0695 -0.18561736 0.6331^865 -0.2033032^ 
303.15 2.287^1179 -0.17962956 0.57639737 -0.15609l69 
2-Propanol + n-Heptane 
T,K Y o Y l \ h 
183.15 2.34007886 -0.14406708 0.68144265 -0.58775074 
213.15 2.26286353 -0.15359015 0.62299344 -0.61359251 
243.15 2.19390953 -0.14323938 0.57650083 -0.61990438 
273.15 2.11111*823 -0.11551626 0.52919683 -0.60641919 
303.15 1.99585136 -0.09711133 0.47121389 -0.50483579 
The constants of the Redlich-Kister equation are only tempera-
ture dependent; therefore the constants were fitted to a function of 
temperature 
Y = S y TJ (64) 
by a least square procedure. Combining Equations (64) and (62) leads 
to Equation (65) which fits the data as well as Equation (62). Equa-
E 
tion (65) is a representation of the G -• T - x surface and is recom-
mended for interpolation. The constants, y^i? are 
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C^/x ^ R-T = 2 2 (y T)(2-x - l) 1 (65) 
i J 
given in Table 30. 
Table 30. Coefficients, y.,, of the Redlich-Kister Equation. 
Y. = £ y. . TJ 
1 i 1J 
Ethanol + n-Heptane 
I / J O 1 2 3 
0 ^.30790^62 -l.83935^23(-2)* 6.60236393(-5) -9.0l67805l(-8) 
1 5^9915259(-1) -5.3^587'697(-3) 9.69295632(-6) 0 
2 3.87875571 -3.395019^6(-2) I.27l992^l(-^) -l,6870736o(-7) 
3 9.633^888l(-l) -9-9071K)100(-3) 2.o^908589(-5) 0 
2-Propanol + n-Heptane 
i / J 0 1 2 3 
0 ^.1688^13 -2.i276o868(-2) 8.^709i8l0(-5) -1.25916358c-7) 
1 1.3236^171 -l.809l()6^9(-2) 7-l53^3858(-5) -9.0098858o(-8) 
2 1.9^595507 -l.38963^l3(-2) 5.097lOl83(-5) -6.98627778(-8) 
3 -2.36208315 2.68650271^-2) -1.32576519(-M 2.li630586(-7) 
The excess Gibbs free energy data of the ethanol + n-heptane sys-
tem vere fitted at 213.15, 2V3.15, 273.15, 283.15, and 303.15 K by Equa-
tion (63). The "modified" Redlich-Kister equation of the second degree 
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gave an average deviation of 0.2 per cent at 213.15 K to 0.4 per cent at 
303.15 K and a maximum deviation of 0.7 per cent. The constants of the 
modified Redlich-Kister are given in Table 31-
Table 31. Coefficients, Z., of the Modified Redlich-Kister Equation. 
Ethanol + n-Heptane 
T,K Z0 h Z2 
213.15 0.39699623 0.02797073 -0.10^91155 
243.15 0. 40862211 0.03440657 -O.IOHO556 
273.15 0.42087757 0.03795718 -O.O9819076 
283.15 0.42551149 0.03805584 -0.09688390 
303.15 0.43654203 0.03715437 -0.09355230 
2-Propanol + n-Heptane 
T,K zo Z l Z2 Z3 
183.15 0.42626831 O.03496783 -O.O9925297 0.04387724 
213.15 0.44o78l44 O.03996262 -0.09510430 0.04994907 
243.15 0.45463321 0,04073157 -0.09298121 ' 0.05560978 
273.15 O.47249531 0.03729221 -0.09284702 0.06318343 
303.15 O.49998091 0.03455878 -0.09508854 0 . 0 6 l 4 9 8 l l 
The excess Gibbs free energy data cf the 2-propanol + 
n-heptane system were fitted at 183.15, 213.15, 243.15, 273.15, and 
303.15 K by Equation (63). The modified Redlich-Kister equation of 
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the third degree gave an average deviation of 0.^ per cent at 183.15 K 
to 0.2 per cent at 303*15 K and a maximum deviation of 0.8 per cent. 
The constants of the modified Redlich-Kister equation are given in 
Table 31. 
Table 32. Coefficients, z.., of the Modified Redlich-
ij 
Kister Equation. 
Z. = 2 z. . Tl 
2 , ij 

































As in the case of the Redlich-Kister equation, the constants of 
the modified Redlich-Kister equation are only temperature dependent; 
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therefore the constants were fitted to a function of temperature 
Z. = 2 z.. TJ (66) 
i . ij v J 
by a least square procedure. Combining Equations {66) and (63) leads to 
Equation (67)^ which fits the data as well as Equation (63). Equation 
(67) is a representation of the G-T-x surface and is recommended for 
interpolation. The constants, z.., are given 
xx, R-T/GE = 2 S (z. . TJ) (2-x - l) 1 (67) 
a n i,j ci 
.  
i 3 
in Table 32. 
In comparing the fits of the Redlich-Kister equation to the fits 
of the modified Redlich-Kister equation., the modified Redlich-Kister 
equation gave a slightly better fit to the derived excess Gibbs free 
energy data for the two binary systems studied in the present work with 
the same or fewer parameters.. 
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The Wilson equation of the form 
GE/R-T = -x Ln(x + D.x^) - x^ Ln(xh + C-x ) (68) 
was used to fit the excess Gibbs free energy data of the ethanol + 
n-heptane and 2-propanol + n-heptane systems. A computer program was 
written to fit the Wilson equation to excess Gibbs free energy data. 
The program determines values of D and C for each isothermal set of 
experimental points. The arithmetic average of all the D's and C's at 
an isotherm gave an initial D and an initial C. A least square procedure 
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minimizing the sum of the squares of the residuals gave two equations 
to "be solved iteratively for ^he ""best" set of parameters. The itera-
53 tive method employed was the Newton-Raphson method . The initial 
iterates were the initial D and C found "by the averaging procedure men-
tioned above. The iteration was stopped when the sum of the squares of 
the residuals was a minimum. The resultant D and C are the parameters 
of the Wilson equation which "best fit the derived excess Gibbs free ener-
gy in a least square sense. 
The excess Gibbs free energy data of the ethanol + n-heptane 
system were fitted at 213.15, 243.15, 2J3.15, and 303-15 K by Equa-
tion (68). The Wilson equation gave an average deviation of 0.4 per 
cent at 213.15 and 303.15 K and of 0.3 per cent at 243.15 and 273.15 K. 
The maximum deviation was 0.8 per cent. The constants of the Wilson 
equation are given in Table 33. 
The excess Gibbs free energy data of the 2-propanol + n-heptane 
system were fitted at 183-15, 213.15, 243.15, 273-15, and 303.15 K by 
Equation (68). The Wilson equation gave an average deviation of 0.5 
per cent at 183.15 K to 2.0 per cent at 303.15 K. The maximum devia-
tion was 2.7 per cent. The constants of the Wilson equation are given 
in Table 33. 
The Wilson equation fits the excess Gibbs free energy data about 
as well as the two forms of the Redlich-Kister equation. The important 
point is that the Wilson equation employs fewer parameters in repre-
senting the data. 
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Table 33. Coefficients of the Wilson Equation, 
Ethanol + n-Heptane 
T,K D c 
*303.15 o.o646i 0.18921 
273.15 0.04203 0.1639^ 
243.15 0.03065 0.13578 
213.15 0.02405 0.10243 
2-Propanol + n-Heptane 
T,K D C 
**303.15 0.08847 0.34426 
273.15 0.05773 0.30733 
243.15 0.04122 0.27456 
213.15 0.03200 0.24154 
183.15 0.02623 0.19946 
* Using G data of Van Ness, et al., at 
303.15 K over the complete composition range 
gave D = 0.04405, C = O.21669. 
E 59 
** Using G data of Van Ness, et al., at 
303.15 K over the complete composition range 
gave D = 0.05467, C = 0.4oi69. 
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The Wiehe-Bagley equation of the form 
GE/R-T = x .Ln(f) + x. Ln(p/b) + (l/KA) 
a il 
• (x Ln(l+KA) - b Ln(f)) (69) 
a 
where 
p-x^ + (l + KA)-x 
_P - h a 
p.^ + x 
a 
* = p.^ + X 
a 
KA = EXP(SA + 1 - HA/R-T) (70) 
was used to fit the excess Gibbs free energy data of the ethanol 
+ n-heptane and 2-propanol + n-heptane systems. The Wiehe-Bagley 
equation is rigorously derivable from a quasichemical theory using the 
62 
Flory-Huggins athermal model. Wiehe and Bagley analyzed a number of 
alcohol-hydrocarbon systems at various isotherms near room temperature. 
The parameter HA is related to the enthalpy of hydrogen bonding. They 
o 
selected a mean value, -5900 cal./gm. mole, given by Coulson . This 
value was taken by them to be independent of the alcohol-hydrocarbon 
system or of temperature. The parameter SA is related to entropy of 
hydrogen bonding divided by R, the gas lav constant. For the alcohol-
hydrocarbon systems they studied, the value of SA was taken as -h.gk 
for the ethanol system and as -5.93 for the 2-propanol system. Once 
the temperature is specified KA is calculated from Equation (70). The 
parameter p is treated as an adjustable parameter to fit either the 
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vapor-liquid equilibrium data or excess Gibbs free energy data as a 
function of composition at an isotherm. 
In the present work a computer program was written to fit the 
excess Gibbs free energy data for the ethanol + n-heptane and 2-propanol 
+ n-heptane systems (Tables l6 and 17') • The above mentioned parameters 
HA and SA given by Wiehe and Bagley for ethanol and 2-propanol , 
were used. Equation (TO) was used to calculate KA at a temperature. 
Equation (69) was fitted to the excess Gibbs free energy data at an 
isotherm by determining p for the two systems in a least square proce-
53 dure in which Newton's method was employed. The resultant p is the 
parameter which best fits the excess Gibbs free energy data to the 
Wiehe-Bagley equation in a least square sense. 
The excess Gibbs free energy data, Table 17, of the ethanol + 
n-heptane system were fitted at 213.15, 243.15, 273.15, and 303.15 K 
by Equation (69). The Wiehe-Bagley equation gave an average deviation 
of 0.6 per cent at 303.15 K to 1.8 per cent at 213.15. The constants 
of the Wiehe-Bagley equation are given in Table 3̂-- The maximum devi-
ation was 5«T Per cent at 213.15 K and 0.1023 mole fraction ethanol. 
The excess Gibbs free energy data, Table 16, of the 2-propanol 
+ n-heptane system were fitted at 183.15, 213.15, 243.15, 273.15, and 
303.15 K by Equation (69). The constants of the Wiehe-Bagley equation 
are given in Table 34. The Wiehe-Bagley equation gave an average devi-
ation of 3.0 per cent and a maximum deviation of J.6 per cent at 183.15 K 
and O.0809 mole fraction 2-propanol. 
The correlation of the excess Gibbs free energy with the Wiehe-
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Table 3I+. Coefficients of the Wiehe-Bagley Equation 































2-Propanol + n-Heptane 
T,K HA 
Joules /gm. mole 
SA KA P dp/dT 
^•303.15 -2I+685.6 -5-93 229.3k 3.187 -0.00010 
273.15 -2I1685.6 -5.9.3 379.80 3.203 -0.0011+9 
21+3.15 -21+685.6 -5-93 11+52.09 3.299 -O.OIO65 
213.15 -21+685.6 -5 .93 8098.03 3.858 -0.02250 
183.15 -21+685.6 -5-93 79301.29 1+.625 -0.02950 
* Using GE data of Van Ness, et al. , at 303-15 K over the complete 
composition range gave all parameters the same except, p = 5«703« 
** Using G^ data of Van Ness, et al.^9, at 303.15 K over the complete 
composition range gave all parameters the same except, p = 3.193-
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Ta"ble 35- Comparison of G Calculated From Empirical Equations 
E E 
With G Derived From C For Ethanol + n-Heptane* 





M-R-K Wilson W-B 
303.15 0.1023 669 666 668 679 
0.2805 1259 1267 1265 1258 1259 
0.4388 1448 1439 l44i 1445 1443 
0.6l4o 1353 1359 1357 1363 1364 
0.8107 915 913 913 909 9l4 
273.15 0.1023 639 635 635 639 665 
O.2805 1184 1192 1190 1181 1195 
0.^388 1354 1345 1348 1351 1355 
0.6l4o 1265 1270 1268 1275 1271 
0.8107 858 857 857 855 847 
2V3.15 0.1023 589 586 585 590 620 
0.2805 1086 1093 1091 1082 1098 
0.4388 12 40 1232 1236 1238 12 4l 
0.6l4o II63 1168 1165 1172 1164 
0.8107 794 793 794 794 778 
213.15 0.1023 530 527 528 532 560 
O.2805 978 983 981 972 990 
0.^388 1116 1110 1113 1115 1123 
o.6i4o 1054 1058 1056 1062 1061 
0.8107 728 727 727 730 720 
* Units of G are Joules/gm. mole. 
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Table 36. Comparison of G Calculated From Empirical Equations With G 
•p 
Derived From C For 2-Propanol -f n-Heptane* 
m J/~ G
E GE GE GE G* 




M-R-K Wilson W-B 
303.15 O.0809 511 509 497 515 
0.2492 io44 1050 1046 1062 1074 
0.4219 1251 1244 1249 1268 1279 
0.5993 1201 1205 1202 1191 1204 
0.7984 812 811 812 785 800 
273.15 0.0809 500 496 498 490 524 
0.2492 ioo4 1011 1006 1019 1044 
0.4219 1195 1188 1193 1208 1223 
0.5993 1143 1148 1144 1133 n4o 
0.7984 770 768 769 751 751 
243.15 O.0809 467 464 466 461 500 
0.2492 936 94l 937 944 970 
0.4219 1107 1101 1106 1116 1127 
0.5993 1056 1060 1057 1050 1046 
0.7984 711 710 711 699 688 
213.15 O.0809 423 420 424 419 456 
0.2492 850 853 849 852 881 
0.4219 1000 996 1.000 1008 1025 
0.5993 3% 958 956 952 958 
0.7984 646 645 646 64o 637 
183.15 0.0809 373 372 376 371 4oi 
0.2492 756 757 753 753 775 
0.4219 885 884 888 895 907 
0.5993 854 853 851 850 854 
0.7984 582 581 582 579 575 
•* Units of G are Joules/gm. mole. 
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Bagley equation was a theoretical approach in which only the major 
effect of chemical interaction was considered. Therefore it was to he 
expected that as good a fit would not necessarily be obtained in this 
case as with the empirical equations. The excess Gibbs free energy 
calculated from each empirical or semi-empirical equation is compared 
to the derived excess Gibbs free data in Tables 35 and 36. 
The activity coefficients were derived from the excess Gibbs 
free energy using Equations (9) and (10) of Chapter IV. The excess 
Gibbs free energy is specified by Equations (62), (68), or (69) 
together with the respective parameters given in Tables 29, 33.? or 3̂ « 
Explicit relations for the activity coefficients have been taken from 
£<$ 
the literature . The activity coefficients calculated from the Redlich-
Kister equation, Wilson equation, and Wiehe-Bagley equation are given in 
Tables 37 and 38. 
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Table 37. Activity Coefficients of Ethanol + n-Heptane 
T = 303.15 K 
R -K* w*-* W--B*-** 
X 
a 
La Y a Ln Yh Ln Y [a Ln YT, h Ln Y a Ln Yh 
0 . 0 3.200 0 3.550 0 3.956 0 
0 . 1 2.106 0.054 1.291 0.064 2.005 0.072 
0 . 2 1.421 0.172 0.994 0.171 1.387 0.177 
0 . 3 0.996 0.312 0.757 O.298 1.011 0.301 
0 . 4 0.722 0.458 0.567 0.445 0.742 0.446 
0 . 5 0.527 0.617 0.411 O.618 0.533 O.616 
0 . 6 0.370 0.809 0.280 0.826 O.366 0 .821 
0 . T 0.233 I .065 0.171 1.082 0.229 1.076 
0 . 8 0.116 1.418 0.084 1.413 0.119 1.409 
0 . 9 0.032 1.899 0.021 1.874 0.037 1.880 
1.0 0 2.528 0 2.600 0 2.646 
T = 273.15 K 





Ln Yh Ln Y _a Ln vh Ln Y Ta Ln Yh 
0 . 0 3.430 0 4.005 0 5.015 0 
0 . 1 2.206 0.060 1.546 0.075 2.086 0.088 
0 . 2 1.463 0.188 1.153 0.186 1.423 0.201 
0 . 3 1.017 0.334 0.868 0.316 1.032 0.330 
0 . 4 0.740 0.482 0.648 0.466 0.754 0.479 
0 . 5 0.546 0.64o O.471 0.642 0.541 0.653 
0 . 6 0.387 0.835 0.324 0.853 0.371 0.861 
0 . 7 0.245 1.101 O.203 1.115 0.232 1.120 
0 . 8 0.122 1.472 0.103 i.46o 0.120 1.457 
0 . 9 0.034 1.978 0.030 1.950 0.037 1.934 
1.0 0 2.631 0 2.766 0 2.709 
* Calculated from the Redlich-Kister equation. 
*-* Calculated from the Wilson equation. 
•*•**• Calculated from the Wiehe-Bagley equation. 
(Continued) 
Table 37. Activi ty Coefficients of Ethanol + n-Heptane 
(Continued) 
T = 2V3.15 K 
R-K* W** W-B*** 
X 
a 
Ln V ' a Ln Yh 
Ln Y 
a ** \ 
Ln Y Ta Ln Yh 
0 . 0 3 - 5 7 1 0 4.. 349 0 6 . 2 7 3 0 
0 . 1 2 . 2 7 4 o.o64 1.709 0 . 0 8 1 2 . 1 3 3 O.O98 
0 . 2 1 .498 0 . 1 9 7 1.253 0 . 1 9 5 1 .451 0 . 2 1 4 
0 . 3 l . o 4 l 0 . 3 4 7 0 . 9 4 0 0 . 3 2 7 1.052 0 . 3 4 6 
0 . 4 0 .762 0 . 4 9 6 0 . 7 0 3 0 . 4 7 8 0 . 7 7 1 0 . 4 9 6 
0 . 5 O.567 0 . 6 5 5 0 . 5 1 4 0 . 6 5 6 0 . 5 5 5 0 . 6 7 3 
0 . 6 o.4o6 0 . 8 5 2 0 . 3 5 8 0 . 8 7 0 0 . 3 8 2 0 . 8 8 4 
0 . 7 0 . 2 5 9 1 .127 0 . 2 2 8 1.139 0 . 2 4 1 1 .148 
0 . 8 0 . 1 3 0 1 .518 0 . 1 2 0 1 .497 0 . 1 2 6 1 .494 
0 . 9 0 . 0 3 6 2 . 0 5 5 0 . 0 3 7 2 . 0 2 4 o.o4o 1 . 9 9 1 
1.0 0 2 . 7 5 1 0 2 . 9 6 6 0 2 . 8 2 8 
T = 2 1 3 . 1 5 K 
R-K* w*-* W-B*** 
X 
a 
Ln Y 'a Ln Yh Ln Y a Ln Yh Ln Y r a Ln Yh 
0 . 0 3 . 6 6 8 0 4 . 6 2 5 0 7 .742 0 
0 . 1 2 . 3 3 6 O.065 I . 8 2 7 0 . 0 8 6 2 . 1 8 2 0 . 1 0 3 
0 . 2 1 .537 0 .202 1 .330 0 . 2 0 1 1 .492 0 . 2 2 0 
0 . 3 1 .070 0 . 3 5 6 O.998 0 . 3 3 3 1 .090 0 . 3 5 3 
0 . 4 O.786 0 . 5 0 7 0 . 7 5 0 0 . 4 8 5 0 . 8 0 6 0 . 5 0 5 
0 . 5 0 . 5 9 1 0 . 6 6 6 0 . 5 5 3 0 . 6 6 5 0 . 5 8 7 0 . 6 8 4 
0 . 6 0 . 4 2 9 0 . 8 6 5 0 . 3 9 0 0 . 8 8 3 o.4io 0 . 9 0 0 
0 . 7 0 . 2 7 8 1 .147 0 . 2 5 4 1 .159 0 . 2 6 3 1 .173 
0 . 8 0 .142 1 .559 0 . 1 3 9 1.533 o . i 4 2 1 .539 
0 . 9 o.o4o 2 . 1 4 5 0 . 0 4 7 2 . 1 0 5 o.o48 2 . 0 8 8 
1 .0 0 2 . 9 3 4 0 3 . 2 5 5 0 3 . 1 2 5 
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Table 38. Activity Coefficients of 2-Propanol + n-Heptane. 





e t a l * 
Ln Yh 




' a Ln Yh 
Ln Y 
' a Ln Yh 
Ln Y ' a Ln Yh 
0 . 0 3 . 4 4 o 0 3 . 0 6 9 0 3.08.1 0 3 . 4 3 6 0 
0 . 1 1 .749 0 . 0 6 8 I . 8 3 8 0 . 0 5 9 0 .942 0 . 0 5 5 1.825 0 . 0 6 3 
0 . 2 1 .200 0 .162 1 .184 0 . 1 7 1 0 . 7 2 8 0 . 1 5 4 1.245 0 . 1 6 3 
0 . 3 O.87O 0 . 2 7 0 0 . 8 3 9 0 .283 0 .545 0 . 2 7 4 0 . 8 8 8 0 . 2 8 0 
0 . 4 0 .635 0 . 3 9 7 0 . 6 3 4 0 .393 0 .395 0 . 4 1 3 0 . 6 3 4 0 . 4 i 6 
0 . 5 0 . 4 4 9 0 . 5 4 8 0 . 4 7 4 0 ,523 0 . 2 7 1 0 .572 0 . 4 4 1 0 . 5 7 4 
0 . 6 0 . 3 0 1 0 . 7 2 9 0 . 3 2 4 0 . 7 0 8 0 . 1 7 1 0 . 7 5 7 0 . 2 9 0 0 . 7 5 8 
0 . 7 0 . 1 8 4 0 . 9 4 7 0 . 1 8 4 O.969 0 .092 0 . 9 7 5 0 .172 0 . 9 7 8 
0 . 8 0 . 0 9 4 1 .219 0 .075 1.299 0 .035 1 .236 0 .082 1 .247 
0 . 9 0 . 0 2 6 1.606 0 . 0 1 4 1 .639 0 .002 1 .560 0 . 0 2 3 1 .587 
1 .0 0 2 . 1 2 3 0 I . 8 6 5 0 1 .978 0 2 . 0 3 9 
59 
*• From experimental date of Van Ness, et al. 
•**• Calculated from the Redlich-Kister equation. 
•**"* Calculated from the Wilson equation. 
x x x x Calculated from the Wiehe-Bagley equation. 
T = = 2 7 3 . 1 5 K 
R--K** W*HHfr W-Bxxx-X 
X 
a 
Ln Y _& Ln Yh Ln Y ' a Ln Yh Ln v Ta 
L*1 Y-u 
h 
0 . 0 3 . 3 6 2 0 3 .545 0 4 . 4 8 2 0 
0 . 1 1 .966 O.O67 1.245 O.067 1 .937 O.O83 
0 . 2 1 .241 0 . 1 9 0 0 . 9 2 9 0 . 1 7 4 I . 2 9 4 0 .192 
0 . 3 0 . 8 7 4 0 . 3 1 0 O.687 0 . 2 9 8 0 . 9 1 5 0 . 3 1 7 
0 . 4 O.663 0 .422 0 . 4 9 8 o . 4 4 i O.650 0 . 4 5 9 
0 . 5 0 . 4 9 9 0 . 5 5 7 0 . 3 4 7 0 . 6 0 6 0 . 4 5 1 0 . 6 2 1 
0 . 6 0 . 3 4 1 0 . 7 5 1 0 . 2 2 6 0 . 7 9 7 0 . 2 9 6 0 . 8 1 1 
0 . 7 0 .192 1 .029 0 . 1 2 9 1.025 0 . 1 7 5 1.035 
0 . 8 0 .075 1 .380 0 . 0 5 7 1.302 0 . 0 8 4 1 .309 
0 . 9 0 . 0 1 3 1 .728 0 . 0 1 1 1 .654 0 . 0 2 3 1.655 
1 .0 0 1 .918 0 2 . 1 2 2 0 2 . 1 4 4 
(Continued) 
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Table 38. Activity Coefficients of 2-Propanol + n-Heptane. 
(Continued) 
T = 2 4 3 . 1 5 K 
R-K** w*** w- Bxxxx 
X 
a 
Ln V Ta Ln Yh 
Ln Y 
a Ln Yh 
Ln Y ' a Ln Yh 
0 . 0 3 . 5 3 ^ 0 3 . 9 1 4 0 5 .790 0 
0 . 1 2 . 0 6 0 0 . 0 7 1 1 .450 0 .075 1 .991 0 . 0 9 6 
0 . 2 1 .292 0 . 2 0 1 1.058 0.18C? 1 .320 0 . 2 1 0 
0 . 3 0 . 9 0 3 0 . 3 2 8 0 . 7 7 9 0 . 3 1 3 0 . 9 3 2 0 . 3 3 8 
0 . 4 0 . 6 8 1 0 . 4 4 6 O.566 0 . 4 5 9 0 .662 0 .482 
0 . 5 0 . 5 1 3 0 . 5 8 4 0 . 3 9 8 0 . 6 2 6 0 . 4 5 9 0 . 6 4 8 
0 . 6 0 .352 0 .782 0 . 2 6 3 0 . 8 2 3 0 . 3 0 2 0 . 8 4 0 
0 . 7 0 . 2 0 0 I . 0 6 7 0 . 1 5 4 1.059 0 . 1 7 9 I . 0 6 9 
0 . 8 0 . 0 8 0 1 .427 0 .072 1 .351 0 . 0 8 6 1.348 
0 . 9 0 . 0 1 4 1.793 0 . 0 1 7 1 .729 0 . 0 2 4 1.703 
1.0 0 2 . 0 0 7 0 2 . 2 5 1 0 2 . 1 7 7 
T = 2 1 3 . 1 5 K 
R-K** w*** W -Bxxxx 
X 
a 
Ln V Ta Ln Yh Ln Y Ta Ln Yh Ln Y 'a Ln Yh 
0 . 0 3 . 6 5 3 0 4 . 2 0 0 0 7 . 3 9 1 0 
0 . 1 2 . 1 3 3 0 .073 1 .591 0 . 0 8 0 2 . 0 4 7 0 . 1 0 2 
0 . 2 1 .335 0 . 2 0 9 1.148 0 .193 1 .364 0 . 2 1 8 
0 . 3 0 . 9 2 9 0 . 3 4 1 0 . 8 4 4 0 .322 O.97O 0 . 3 4 8 
0 . 4 O.699 0 .463 O.616 0 . 4 7 0 0 . 6 9 5 0 .495 
0 . 5 0 . 5 2 7 o.6o4 0 . 4 3 6 o.64o 0 . 4 8 7 0.66^ 
0 . 6 0 . 3 6 5 0 . 8 o 4 O.292 0 . 8 4 2 0 . 3 2 4 0 . 8 6 4 
0 . 7 0 . 2 1 0 1 .094 0 . 1 7 5 1.086 0 . 1 9 5 1 .104 
0 . 8 0 . 0 8 6 1.466 0 . 0 8 4 1.393 0 . 0 9 6 1.403 
0 . 9 0 . 0 1 6 1.856 0 .022 1 . 8 0 1 0 . 0 2 8 1.795 
1.0 0 2 . 1 1 9 0 2 . 3 8 9 0 2 . 3 4 6 
(Continued) 
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Table 38. A c t i v i t y Coe f f i c i en t s of 2-Propanol + n-Heptane. 
(Continued) 
T = 183.15 K 
R--K** w-x-x-x- W-• B x x x x 
X 
a 
Ln v 'a Ln Yh Ln v a Ln Yh Ln Y 'a Ln Yh 
0.0 3.753 0 4.441 0 9.533 0 
0 . 1 2.203 0.074 1.705 o.o84 2.091 0.105 
0.2 1.383 0.214 1.225 0.198 1.404 0 .221 
0 .3 0.961 0.351 0.903 0.329 1.006 0.352 
0 .4 0.724 0.478 0.664 0.478 0.727 0.502 
0.5 0.549 0.621 0.475 0.652 0.515 0.675 
0 .6 0.384 0.823 0.323 0.859 0.347 0.880 
0 .7 0.226 1.118 O.198 1.113 0.213 1.130 
0 .8 0.097 1.508 0.099 1.441 0.107 1.449 
0.9 0.020 1.941 0.028 1.891 0.032 1.882 
1.0 0 2.290 0 2.586 0 2 .531 
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APPENDIX I 
CORRELATION OF THE DERIVED EXCESS THERMODYNAMIC PROPERTIES 
WITH THE THEORY OF ASSOCIATED SOLUTIONS 
Volume Fraction Model 
The parameters K, H , 3> and 3' had to be determined in order to 
calculate the excess thermodynamic properties. The "best" sets of 3 and 
3' parameters were found by a least squares technique and sets of K and 
H parameters as given below. 
The parameter K is related to the chemical interactions in the 
form of hydrogen bonds. The volume fraction model considered here separ-
ates the interactions into chemical and physical types. The parameter K 
o kh 
has been determined at 50 C by Renon and Prausnitz to be 150 for 
ethanol-hydrocarbon systems and 60 for 2-propanol-hydrocarbon systems. 
They determined these values of K by considering the totality of excess 
property data available for each alcohol-hydrocarbon mixture from 0 to 
65 C. In this determination they gave more weight to the excess enthalpy 
data at lower temperatures and higher alcohol mole fractions. They have 
also suggested a value of -7500 cal./gm. mole (-31380 Joules/mole) be 
used for H based on the totality of the excess property data. 
Having specified K at 50 C and H then the van't Hoff relation 
d Ln K . H° / s 




was used to calculate K at other temperatures. The parameters 3 and 3' 
were then determined as follows 
l) Values of 3 "were chosen "by trial and error until the sum of 
the squares at an isotherm 
£ (Gcalc " G L > 2 ^ 
was a minimum. The initial iterate was always 3 equal to zero and the 
domain of 3 search was from 0 to 30. The iteration was such that the 
sum of the squares (S ) near the minimum was insensitive to the choice 
2 
of 3« As 3 varied from the least square value the S increased rapidly. 
"F 
For example, for the G data of ethanol + n-heptane at 303*15 K the min-
imum of the sum of the squares (S"") was 3-86(03)*
 a t a 3 o f 9-78. 
Varying 3 to 9-9 gave a E 2 of 3-88(03), 3 to 8.88 gave a £ 2 of 5.2M03), 
P "F1 
and 3 "to 6 gave a £ of 24.351(03). The excess Gibbs free energy, G , 
caxc 
is calculated from Equation (2^) in Chapter V. The excess Gibbs free 
E 
energy, G , is taken from Table 1.6 or 17, Appendix C. 
2) Values of 3' were chosen "by trial arid error until the sum of 
the squares at an isotherm 
S (HE , - H? f (73) 
x calc der ' 
was a minimum. The initial iterate was always 3' equal to zero and 
the domain of 3' searched was from 0 to 30. Like the iteration for 3> 
2 
the iteration for 3' was such that the sum of the squares (S ) near 
•* The numbers in parenthesis indicate multiplication by 10 raised to 
this power. 
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the minimum was insensitive to the choice of 3'• Also as 3' varied 
2 
from the least square value the S increased rapidly. For example, 
for the a data of ethanol •+- n-heptajie at 303• 15 K the minimum of the 
sum of the squares (S ) was 2.07(03) at a 3* of 7-58. Varying 3' to 
J.k8 gave a S 2 of 2.10(03), 3' to 6.58 gave a S 2 of 3.66(03), and 3' 
to k gave a 2 of 20.99(03). The excess enthalpy, n , was cal-
culated from Equation (35) in Chapter V. The excess enthalpy, HT , 
is taken from Table l6 or 17, Appendix C. 
The set of parameters were determined l) for the 2-propanol + 
n-heptane system at 303-15, 273.15, 2^3.15, 213.15, and 183.15 K, 
2) for the ethanol + n-heptane system at 303.15, 273.15> 2^3.15, and 
213.15 K, and 3) for the ethanol + methylcyclohexane system at 303.15, 
273.15, 2̂ -3.15, and 213.15 K. The derived excess thermodynamic prop-
22 
erties for the ethanol + methylcyclohexane system are given "by Hwa 
The sets of parameters are given in Table 39. 
In an attempt to find an improved correlation of the excess 
property data, three variations of the volume fraction model were 
studied. These variations included l) varying H hut keeping it tem-
perature independent, 2) varying the equilibrium constant at 50 C, and 
3) making H temperature dependent 
H° = H°(323.15) + A(T - 323.15) • 
The variations will now be discussed in light of the ethanol + n-
heptane system at 303.15 K. The first variation (H at 323-15 from 
-31380 to -26380 Joules/mole) resulted in a slightly improved 
Table 39. Parameters of the Volume Fraction 
Associated Theory Model. 
2-Propanol + n-Heptane 
T,K 
H° 
Joules/gm. mole K 
3 
J o u l e s / c c 
6.28 
3 ' 
J o u l e s / c c 
303.15 -31380 130 7.58 
273.15 -31380 509 6.56 5.68 
2^3.15 -31380 2799 6.76 6.22 
213.15 -31380 24878 7.06 7.70 
183.15 -31380 452308 7.64 9 . 6 l 
Ethanol + n-Heptane 
T,K 
H° 
Joules /gm. mole K 
3 
J o u l e s / c c 
9.78 
3 ' 
J o u l e s / c c 
303.15 -31380 324 7.64 
273.15 -31380 1272 9.90 7.54 
243.15 -31380 6998 10.12 9.87 
213.15 -31380 62195 10.52 12 .41 
Ethanol H- Methylcyclohexane 
T,K 
H° 
Joules /gm. mole K 
3 
J o u l e s / c c 
9.70 
3 ' 
J o u l e s / c c 
303.15 -31380 324 6.43 
273.15 -31380 1272 9-70 6.52 
243.15 -31380 6998 9.82 9 .31 
213.15 -31380 62195 10.24 12 .41 
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E 2 
correlation of G (sum of squares, 2 , 13 per cent decrease; 3., 2 per 
cent increase) and a significantly worse correlation of the IT (2 , 
l^k per cent increase; 3' _, 35 per cent increase). The variation (K at 
TH1 P 
50 C from 150 to 75) resulted in a much "better corre lation of G (2 , 
65 per cent decrease; 3> IT per cent increase) "but no correlation at 
all for Ii (2 , 2000 per cent increase, 3' = 0). The third variation 
(A from -20 to 100 Joules/mole-K) was only investigated for the more 
sensitive HT data. At 50 Joules/mole-K the "best correlation of Ii 
2 
was obtained with 2 decreasing "by '5 per cent and 3r increasing "by 7 
per cent. Therefore the correlation is improved slightly if H is 
allowed to "be temperature dependent. It is felt, however, that the 
slight improvement does not warrant the addition a new adjustable 
parameter. 
The parameters in Ta'ble 39 were used to calculated the excess 
Gibbs free energy and excess enthalpy. The results of the calcula-
tions of the chemical and physical contributions to the respective 
excess property are compared to the derived excess property in Tables 
kO and kl. 
Mole Fraction Model 
The parameters Kp, K , H , and H had to be determined. If H 
and H have the following temperature dependence 
H.(T) = H.(T0) + A±(T - TQ) (75) 
then the van't Hoff relation can be integrated to give 
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Table 40. Comparison of G From the Volume Fraction Associated 
E E 
Theory of Solutions with G Derived From C .# 
Ethanol + n-Heptane 




























0.2805 1143 140 1282 1259 IO69 137 1206 1184 
0.^388 1257 193 1450 1448 1170 189 1359 1355 
o.6i4o 1133 217 1350 1353 1051 212 1263 1266 
0.8107 709 173 882 915 655 169 824 858 























0.2805 972 136 II08 1086 861 137 998 978 
0A388 1061 187 1248 1243 939 189 1127 1121 
0.6l4o 950 210 ll60 1164 84o 212 1052 1055 
0.8107 591 167 758 794 522 168 690 728 
E / 
* Units of G are Joules/mole. 
2-Propanol + n-Heptane 


























0.2492 986 103 1089 1044 942 104 1047 1004 
0.4219 1124 148 1272 1251 1064 150 1214 1195 
0.5993 1016 164 1180 1201 957 165 1122 1143 




Tat>le k-0. Comparison of G From the Volume Fraction Associated 
F E 
Theory of Solutions with G .'Derived From C . 
(Continued) 
P 
T = 2^3 .15 K T = 213 .15 K 
X 
a 























0.2^92 868 10*4- 972 936 773 106 879 850 
0.^219 97^ 150 112 k 1.107 865 152 1017 1000 
0.5993 873 165 1038 1056 77^ 167 9^1 3% 
0.798^ 5V7 127 
T = 183 
67^ 
15 K 














0.2^-92 665 113 778 756 
0A219 7^2 162 90h 885 
0.5993 662 177 84-0 853 
0.798*1 ^13 136 5^9 582 
(Continued) 
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Ta"ble 4o. Comparison of G From the Volume Fraction Associated 
TP F 
Theory of Solutions with G Derived From C . 
(Continued) 
Ethanol + Methylcyclohexane 



























0.1979 955 102 1056 1029 896 99 995 969 
0.3^56 1182 159 134.1 1325 1102 154 1256 1238 
0.5324 1173 200 1374 1374 1089 194 1283 1284 
o.8oo4 698 162 
T = 243 
859 
.15 K 
897 645 156 
























0.1979 817 97 914 887 725 98 823 798 
0.3^56 1001 151 1152 1133 886 153 1039 1019 
0.5324 986 190 1177 1178 872 192 1065 1066 
0.8004 582 153 736 774 515 155 670 708 
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Table 4l. Comparison of li Calculated From the Volume 
Associated Theory of Solutions with IF 
Derived From C . 
P 
Ethanol + n-Heptane 
























0.2805 557 109 666 66k 289 105 393 374 
0.̂ -388 536 151 687 670 277 144 421 399 
0.6l4o 3̂5 169 605 593 224 162 385 387 




4o8 127 129 

























0.2805 125 133 258 242 42 162 204 194 
0.4388 119 182 302 280 40 222 263 239 
0.6l4o 96 205 301 302 32 250 282 278 
0.8107 54 163 218 260 18 198 217 259 
* Un i tes of H '̂ a re Joules/gm. mole 
(Continued) 
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Table hi. Comparison of a Calculated From the Volume 
Associated Theory of Solutions; with 1± 
Derived From C . (Continued) 
2-Propanol + n-Heptane 

























0.2^92 750 124 875 844 400 90 ^90 9̂0 
0A219 732 179 911 910 386 130 515 515 
0.5993 595 197 792 809 311 1̂ 3 454 460 
0.7984 342 153 
T = 243 
494 
.15 K 
506 178 110 





























0.2^92 175 96 271 296 60 115 175 204 
0.4219 168 138 306 296 57 166 223 201 
0.5993 135 152 287 283 46 182 228 222 
0.7984 77 117 
T = 183 
194 
15 K 








0.0809 11 52 63 59.1 
0.2492 l4 l42 156 17^ 
0.4219 13 204 217 187 
0.5993 11 223 234 232 
0.7984 6 171 177 202 
(Continued) 
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Table kl. Comparison of a Calculated From the Volume 
Associated Theory of Solutions with H 
Derived From C . (Continued) 
Ethanol + Methylcyclohexane 






















0.1979 500 67 568 563 262 66 328 303 
0.3^56 525 106 631 607 273 10k 376 3̂ 6 
0.532^ 457 133 590 587 236 130 367 373 
o.8oo4 238 107 
T = 2k-3 
3̂ 5 
.15 K 
373 122 105 
























0.1979 Hk 92 206 187 39 119 157 1̂ 9 
0.3^56 118 ikk 262 232 ^0 185 225 197 
0.532^ 102 181 282 288 3^ 233 268 268 
0.8oo4 53 1̂ 5 198 24l 18 188 206 2kk 
T. nKCT-L 
(-H.(T ) + A.T ) v iv o' 1 0 




- 4- ] LT.„ -3L (76) 
where i = 2 or 3-
This reduced to the problem of determining Ap, A , and Kp, K , Hp, H„ 
1 o 
at T . Haskell et al. give the parameters at 288.15 K for ethanol + 
n-heptane as A2 = 7.50 cal./deg., A = -3.83 cal./deg., Kp = 53.88, 
K„ = 76.80, H„ = -8850 cal., and H„ - -5500 cal. 
J <- J 
The parameters Kp, K.., EL, and H- at other temperatures were 
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calculated using Equations (75) and (76). The parameters for ethanol 
+ n-heptane used in this work are given in Table 42 at 303.15* 273.15* 
2^3.15* and 213.15 K. 
Table 42. Parameters of the Mole Fraction Associated 
Theory Model. 
T,K K2 Hp, Joules K3 
H~, Joules 
303.15 25.20 -36558 hi. 63 -23252 
273.15 126.60 -37^99 129.78 -22772 
243.15 997.o4 -38440 441.17 -22291 
213.15 14991 -39382 2046 -21810 
To calculate the excess Gibbs free energy or excess enthalpy, 
the final monomer mole fraction had to be determined. This involved 
the solution of a cubic equEition. From the overall mass balance 




and the mass balance of R-OH molecules 
J i v (vSX 
1 
(78) 
the variable x was eliminated. As shown in Chapter V the following 
cubic equation was derived 
a-y + b-y + c*y + d = 0 (79) 
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where 
a = K3(K3 - K2) 
h = - ((K3 +K2)-xa + 2-(K3 
c = 1 + 2-K -x 
3 a 
d = - x 
K2)) 
y = x 1 
As an example case for the ethanol + n-heptane system at 303-15 K, the 
equilibrium constants were a Kp of 25.20 and a K~ of 7̂.£>3. For a mole 
fraction of ethanol of 0.1023 the roots of the cuhic equation were 
(x1) = 0.01513^75 
(x*)1 = 0.02910252 
(x^)n = 0.217̂ 00̂ -1 . 
The third root was eliminated since x must "be less than or equal to 
x ; the second root was eliminated since either Equation (77) or (78)) 
f 
predicts xn is less than 1 - x : and the first root, which satisfied h a 
all criteria, was the only physically significant root. 
An alternate method of determining the final monomer mole 
fraction involved solving Equations (77) and (78) "by trial and error 
f f 
to determine the roots x and x, simultaneously. This is illustrated 
graphically in Figure 11 where the physically significant root is 
shown. As illustrated in the Figure, Equation (78) is more sensitive 
157 
<- Equation (77) 
Equation (78) 





Figure 11. Determination of x and x, for Ethanol + n-Heptane, 
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to the choice of x than is Equation (77). In fact Equation (78) is 
also more sensitive to the equilibrium constants. 
The excess Gibbs free energy and excess enthalpy calculated 
from Equations (41) and (49) in Chapter V are compared to the derived 
property in Tables 43 and 44. The derived property is from Appendix C. 
Table 43. Comparison of G Calculated From the Mole. 
Fraction Associated Theory of Solutions with 
GE Derived From CE.* 
P 
Ethanol + n- Heptane 


























0.2805 1255 1259 1179 1184 1079 1086 963 978 
0.4388 1465 1448 1370 1355 1251 1243 1116 1121 
0.6140 1426 1353 1331 1266 1215 1164 1084 1055 
0.8107 1024 915 955 858 874 794 781 728 
£J I 
*• Units of G are Joules/gm. mole 
159 
Table kk. Comparison of KT Calculated From, the Mole 
Fraction Associated Theory of Solutions 
with HE Derived From CE.* 
P 
































0.2805 653 66k 358 3lk 195 2̂ 2 103 ,19̂  
O.i+388 665 670 377 399 212! 280 116 239 
0.6lk0 603 593 35^ 387 205 302 Ilk 278 
0.8107 3̂8 1+08 233 298 l60 260 91 259 
* Units of IT are Joules/gm. mole 
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